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GENERAL INTRODUCTION 

American Chemical Society Series of 
Scientific and Technologic Monographs 

By arrangement with the Interallied Conference of Pure and 
Applied Chemistry, which met in London and Brussels in July, 
1919, the American Chemical Society was to undertake the pro¬ 
duction and publication of Scientific and Technologic Mono¬ 
graphs on chemical subjects. At the same time it was agreed 
that the National Research Council, in cooperation with the 
American Chemical Society and the American Physical Society, 
should undertake the production and publication of Critical 
Tables of Chemical and Physical Constants. The American 
Chemical Society and the National Research Council mutually 
agreed to care for these two fields of chemical development. 
The American Chemical Society named as Trustees, to make 
the necessary arrangements for the publication of the mono¬ 
graphs, Charles L. Parsons, Secretary of the American Chemical 
Society, Washington, D. C.; John E. Teeple, Treasurer of the 
American Chemical Society, New York City; and Professor 
Gellert Alleman of ’ Swarthmore College. The Trustees have 
arranged for the publication of the American Chemical Society 
series of (a) Scientific and (b) Technologic Monographs by the 
Chemical Catalog Company of New York City. 

The Council, acting through the Committee on National Policy 
of the American Chemical Society, appointed the editors, named 
at the close of this introduction, to have charge of securing 
authors, and of considering critically the manuscripts prepared. 
The editors of each series will endeavor to select topics which 
are of current interest and authors who are recognized as author¬ 
ities in their respective fields. The list of monographs thus far 
secured appears in the publisher’s own announcement elsewhere 
in this volume. 

The development of knowledge in all branches of science, and 
especially in chemistry, has been so rapid during the last fifty 
years and the fields covered by this development have been so 
varied that it is difficult for any individual to keep in touch with 
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4 GENERAL INTRODUCTION 

the progress in branches of science outside his own specif 
In spite of the facilities for the examination of ^literature 
given by Chemical Abstracts and such compendia as BeiMems 
Handbuch der Organischen Chemie, Richter’s Lexikon, Ostwal s 
Lehrbuch der Allgemeinen Chemie, Abegg’s and Gmelin-Kraut s 
Handbuch der Anorganischen Chemie and the English and 
French Dictionaries of Chemistry, it often takes a great deal ot 
time to coordinate the knowledge available upon a single topic. 
Consequently when men who have spent years in the study of 
important subjects are willing to coordinate their knowle ge 
and present it in concise, readable form, they perform a service 
of the highest value to their fellow chemists. 

It was with a clear recognition of the usefulness of reviews of 
this character that a Committee of the American Chemical 
Society recommended the publication of the two series of mono¬ 
graphs under the auspices of 'the Society. 

Two rather distinct purposes are to be served by these mono¬ 
graphs. The first purpose, whose fulfilment will probably render 
to chemists in general the most important service, is to present 
the knowledge available upon the chosen topic in a readable 
form, intelligible to those whose activities may be along a wholly 
different line. Many chemists fail to realize how closely their 
investigations may be connected with other work which on the 
surface appears far afield from their own. These monograph 
will enable such men to form closer contact with the work of 
chemists in other lines of research. The second purpose is to 
promote research in the branch of science covered by the mono¬ 
graph, by furnishing a well digested survey of the progress 
already made in that field and by pointing out directions in 
which investigation needs to be extended. To facilitate the 
attainment of this purpose, it is intended to include extended 
references to the literature, which will enable anyone interested 
to follow up the subject in more detail. If the literature is so 
voluminous that a complete bibliography is impracticable, a 
critical selection will be made of those papers which are most 
important. 

The publication of these books marks a distinct departure in 
the policy of the American Chemical Society inasmuch as it is 
a serious attempt to found an American chemical literature with¬ 
out primary regard to commercial considerations. The success 
of the venture will depend in large part upon the measure of 
cofiperation which can be secured in the preparation of books 
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dealing adequately with topics of general interest; it is earnestly 
hoped, therefore, that every member of the various organizations 
in the chemical and allied industries will recognize the impor¬ 
tance of the enterprise and take sufficient interest to justify it. 


AMERICAN CHEMICAL SOCIETY 

BOARD OF EDITORS 


Scientific Series:— 

William A. Noyes, Editor, 
S. C. Lind, 

Lafayette B. Mendel, 
Aethue A. Noyes, 

Julius Stieglitz. 


Technologic Series:— 
Habbison E. Howe, Editor. 
Walteb A. Schmidt, 

F. A. Lidbuby, 

Aethue D. Little, 

.Feed C. Zeisberg, 

John Johnston, 

R. E. Wilson, 

E. R. Weidlein, 

C. E.KMees, 

F. W. WlLLAKD. 




Preface 


The progress of the subject of reaction kinetics within the last decade 
has been rapid, but not always orderly. On the experimental side much 
confusion has been produced by the complex interdependence of great 
masses of data; this is particularly true with respect to the more rapid 
elementary reactions, which seem at the moment to be of greatest interest. 
It is ordinarily the case that the rates of these reactions are not given 
directly by pressure readings or analyses, but depend also upon knowledge 
of other rates. Since these other rates are themselves tainted with con¬ 
tingency, a very metastable structure is obtained. It is distressing to have 
a dozen respected mechanisms collapse when a single reaction is more 
carefully studied. The real danger, however, is that this collapse is not 
quite automatic, and that mechanisms whose supports have been destroyed 
remain outwardly unchanged until attention is directed to their masquerade. 
It is hoped that one of the chief services of this book will be to present 
practically all the interpretable data from a single point of view. This has 
not been an easy task, nor completely successful, because several important 
last minute changes could only be briefly treated, and the many ramifica¬ 
tions that they logically involved were necessarily neglected. 

The theoretical treatment given is based entirely upon the methods of 
statistical mechanics, since this seems to be the only rational procedure, 
and the only one which has attained any organized success; ever since the 
days of the ill-starred efforts to represent rates of reactions by means of 
chemical potentials and chemical resistances, there have been those who 
preferred methods which involved thermodynamic functions, though it 
would slander the names of Clausius and Gibbs to call the methods thermo¬ 
dynamic. Aside from neglect of these barren by-paths, in which most 
readers will surely acquiesce, the treatments given place possibly undue 
emphasis on the fact that the actual reaction rates must be obtained from 
the theory as multiple sums or integrals, rather than by the easier pro¬ 
cedure of treating that single molecular state or type of collision which 
makes the greatest contribution; there is undoubtedly a danger involved 
in the latter simplification, but that it is really a rather great danger is a 
personal judgment, in which others may not concur. 

The attempt has been made to make the theoretical and the experi¬ 
mental parts of the book complete in themselves, by including in each as 
much summarized information from the other as seemed relevant. It is 
thus hoped to satisfy, in some measure, the needs of readers varying from 
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the mathematical physicist interested in the quantum mechanical treatment 
of molecular problems to the experimental chemist concerned entirely with 
the measurement of reaction rates. 

It is a source of regret to the author that he did not find it possible 
to discuss the applications of these results to the presumably more complex 
problems of gas reactions at catalyst surfaces, and of reactions in solu¬ 
tions. In the latter case, and to some extent in the former also, hope of 
progress is tied up with the possibility of finding a method by which the 
number of collisions in condensed systems can be calculated. The dis¬ 
covery of such a method would go far to break down the barriers between 
the various fields of reaction kinetics. 

Many persons, of course, have been helpful in the preparation of this 
book; I must record here my especial gratitude to Professor W. A. Noyes, 
Jr., who first aroused my interest in chemical kinetics; to Professor 
Richard C. Tolman, whose unfailing interest and sympathetic criticisms 
have been a source of encouragement and of inspiration; and to the 
National Research Council and the California Institute of Technology, for 
without the generosity of the one and the hospitality of the other I could 
never have made that intensive study of reaction rates on which this book 
is largely based. 


Louis S. Kassel. 

Pittsburgh, Pennsylvania, 

November 10, 1931. 



Table of Contents 


Introduction 


PAGE 

11 


PART I. — Theory 

Chapter L—Elementary Reactions and Their Energy of Activation . . , 14 

The types of elementary reactions. Order and mechanism. Statistical 
mechanical interpretation of temperature coefficients. 

Chapter II.— Statistical Mechanical Interlude ..27 

The Maxwell-Boltzmann distribution law. Distribution of velocities. Num¬ 
bers of collisions. Applications to quantized systems. Microscopic reversi¬ 


bility. Distribution law for groups of harmonic oscillators. 

Chapter III.— Bimolecular Reactions.38 

Bimolecular associations. Bimolecular metatheses involving free atoms; 
applications of quantum mechanics. Other bimolecular metatheses. 

Chapter IV.— Trimolecular Reactions.75 


The intermediate compound theory. The number of triple collisions in a 
perfect gas. Triple collisions in a real gas. Triple collisions vs. inter¬ 
mediate compounds. 


Chapter V. —Unimolecular Reactions.* . . 93 

General form of the theory of collisional activation. Detailed development 
of a single form. Variant forms. Quantum mechanical interpretations: 
the radioactive analogy; the Auger effect analogy. The effect of inert gases. 

Chapter VI.— Complex Reactions .114 


Complex mechanisms that do not involve a chain. Non-branching chains. 
Branching chains. 

PART II —Experiment 

Chapter VII.— Experimental Methods of Reaction Rate Measurement . 124 

General methods. Homogeneity. Order of a reaction. Temperature co¬ 
efficient. Methods of calculation and accuracy. 

Chapter VIII.— Second Order Reactions .. , 129 

Review of the theory. The occurrence of second order associations. Re¬ 
actions of atomic hydrogen, oxygen, sodium, potassium, halogens. Decom¬ 
position of hydrogen iodide. Synthesis of hydrogen iodide. Decomposition 
of nitrogen dioxide. Decomposition of nitrosyl chloride. Formation of 
hydrogen sulfide. Formation and decomposition of nitric oxide. Homo¬ 
geneous catalyses. 


9 











10 


TABLE OF CONTENTS 


PAGE 

Chapter IX.— Third Order Reactions .. 165 

The oxidation of nitric oxide. ^ The reaction of nitric oxide with chlorine. 

K j, ruction of nitric oxide with bromine. The reduction of nitric oxide 
oy hydrogen. The rate of recombination of atomic bromine; of atomic 
chlorine; of atomic hydrogen. The rate of formation of sodium dioxide. 


Chapter X.— First Order Reactions. 

Review of the theory. The decomposition of nitrogen pentoxide. The 
nSr •? °j. az ? confounds: azomethane, azoimpropane, methylwo- 
ethvf d '^ ef hy.tnazene. The decompositions of dimethyl, methyl- 

r 3 n^J^ tfly i pn - )py ’ <!l 5ST- T 1 and dipropyl ethers. The rear- 

^sl?m nf 0f nh mene * ^j 16 de ^ m POsition of nitryl chloride. The decom- 
acetnrip cJLffSl S xide \ The decompositions of propionic aldehyde, 

dimethvl fe dr f ° Ca ? 0n ^ and ^ amines - Th * isomerization of 

dimethyl maleate. First order heterogeneous reactions. 


181 


Chapter XL— Complex Reactions. Part I. .. 

du^^ ti ^,?l* hydr ? gen *? r01 ™ de * The decomposition of ozone, in- 
reacttmm ytlc actl0 *} , 0 ^ nitrogen pentoxide and of chlorine. The 

chorine foSSf 0J S ne aad br . omine - The reactions between hydrogen and 
S d ng ^ catalytic action of water vapor, and the negative 

S and ofTffu^n fl th£r subs ‘“. T . he me *°ds of highly dite 
efie o* diffuswn flames, and applications. The decomposition of 

hydrocarbons and aldehydes. The wd- 
dehyde. y U ‘ Polymerization reactions. The decomposition of acetal- 


CH ™ XIL 7 Complex Actions. Part II. Branching Chains . 

actfons XI ^ t h°v n rl. < l PhOSP 4 0rUS vapor ' The oxidation of phosphine. The re- 
and by freedoms • 'T* “ nsit ization by nitrogen dioxide 

disulfide. ' 6 AIyea mter P retatl on. The oxidation of carbon 


294 


Appendixes 

The Radiation Hypothesis 
Heats op Dissociation , # 


313 

316 








KINETICS OF HOMOGENEOUS GAS 
REACTIONS 


Introduction 

0.1. The entire field of chemistry might perhaps be divided into Ther¬ 
modynamics, which is essentially legislative in character, and Kinetics, 
which is essentially executive. The former subject stipulates changes 
which are permitted and describes conditions from which no change is 
allowed; it is left to the latter to say what will actually occur. Thermo¬ 
dynamics recognizes conditions which are unstable; for example, ice at 
5° C. and atmospheric pressure; water at — 5° C.; a mixture of hydrogen 
and oxygen gases under ordinary conditions; a diamond on a shelf in a 
shop-window. It does not attempt to say whether these conditions are 
attainable, nor does it predict what such systems will do. Thus it does not 
tell us that the super-heated ice cannot be produced, at least by any known 
method; that the super-cooled water is very simply attained, with only 
reasonable precautions to exclude dirt, but that it cannot exist more than 
momentarily in contact with the stable form, ice; that the hydrogen- 
oxygen mixture is exceedingly inert, whether pure or in the presence of 
the stable water, but will explode violently when it is suitably irritated; 
finally it does not tell us whether the diamond will combine chemically 
with the atmospheric oxygen, forming carbon monoxide, or forming 
carbon dioxide, or will rearrange its atoms to become graphite, or will 
pass through the shop-window down into the gutter, where it would be 
more stable, at least thermodynamically. It is possible in any case to 
calculate which of all possible changes would involve the greatest decrease 
in free energy, but this calculation is utterly useless in predicting which, 
if any, will take place. Stones which repose near the tops of vast moun¬ 
tains do not, for that reason, start rolling down the sides more readily 
than others which have a shorter way to roll; neither do they, when 
rolling, so choose their path as to rest ultimately at the lowest spot in 
the surrounding valley; and in like manner chemical reactions which are 
of the utmost thermodynamic desirability are frequently more sluggish 
than others which involve almost negligible free energy changes. 

It is, then, of the greatest practical and theoretical importance to under¬ 
stand the principles which govern the rates of chemical reaction. Every 
chemist, of course, is somewhat familiar with the empirical results of these 
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12 KINETICS OF HOMOGENEOUS GAS REACTIONS 

principles; this familiarity finds expression in such well-known rules of 
the organic chemist as that hydrogen on a tertiary carbon atom is unusually 
labile, and in that more subtle chemsches Gefilhl which is perhaps e 
only remaining distinction between chemist and physicist.. Many of these 
rules have been given scores of explanations. In a similar manner, the 
police custom of enforcing some laws and ignoring others is sufficiently 
consistent so that every citizen can tell, in a general way, what transgres¬ 
sions are likely to be allowed; there is, however, no general agreement as 
to whether the police action is based on social philosophy, political influ¬ 
ence, innate meanness, or common sense. 

0.2. Physics has always been relatively helpless in treating liquids, 
which have neither the simple structure of a crystal nor the convenient 
dilution of a gas. It seems desirable on that account that any attempt 
to discover the fundamental principles in the field of reaction rates should 
not begin with the baffling complexities of liquid reactions. The reactions 
of solids are rather rare, and almost never homogeneous, so that the 
gaseous state is clearly indicated as the most suitable for such an attempt. 

It is true that there is only a limited amount of experimental material 
dealing with the rates of gas reactions. The amount is increasing rather 
rapidly, however, and furthermore a large part of it was specifically in¬ 
tended for just the use to which we will put it, so that we can well afford 
to ignore temporarily the great mass of data dealing with liquid reactions. 
For our present purpose we exclude also all reactions which involve 
heterogeneous catalysis, and confine our attention to those reactions which 
occur entirely in the gas phase. The material with which we shall deal 
is of a kind not very familiar to the average chemist, who may feel that 
the entire subject has but a remote interest for him. It must be remem¬ 
bered, however, that the intensive study of reaction rates is still very new, 
and there is reason to believe that within a few more years it will begin 
to produce results in unexpected places. The present author is not con¬ 
cerned with those results, however, even from the arm-chair point of 
view of a prophet. Reaction rates have a very considerable interest in 
their own right, and it is this interest which the present book is intended 
to display. 


0,3. The theoretical treatment given is based as firmly as possible upon 
the general principles of physics. The method is essentially that of staffs- 
tod medsma; it is this method which, in the author’s opinion, has been 

1S ’,r ag&regate > a considerable literature in 
h other methods, usually thermodynamic, have been used. This will 
be entirely ignored in the present treatment. 

The plan which has been adopted is to separate the theoretical treat- 
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ment almost entirely from the experimental data. This theory is presented 
in Part I which occupies a little less than half of the entire book. It is 
preceded by an extremely condensed treatment of those portions of statis¬ 
tical mechanics which are most frequently used in the remainder; for 
the complete understanding of this first part, however, a more thorough 
knowledge of statistical mechanics than can be obtained from the first 
chapter will probably be necessary. In the second part, all of the experi¬ 
mental data available have been discussed. These data are grouped 
according to the general type of reaction involved; in each case, an attempt 
has been made to state in the simplest possible language the results of 
the corresponding theoretical treatment. It is intended that this second 
part shall be complete in itself. 

0.4. Throughout the entire book a critical attitude has been adopted. 
If this criticism occasionally seems unsympathetic, the appearance is unin¬ 
tentional. The primary purpose in writing this book was to provide, for 
the author’s personal use, a summary of the present situation in the field f 
of reaction rates; it is, of course, an essential duty of such a summary :i 
to point out those directions in which progress is most needed. 




Chapter I 

Elementary Reactions and Their Energy of 
Activation 


1.1. Introduction.—The entire modern theory of homogeneous gas 
reactions rests upon the assumption that even the most complex of these 
reactions is theoretically capable of resolution into a number of steps, 
each of which involves one, two or occasionally three molecules. The 
calculation of the rate of the ultimate reaction when the rates of the indi¬ 
vidual steps are known can always be made by well-known mathematical 
methods. For the first half of this book we shall be concerned almost 
entirely with the rates of single steps, and it will therefore be useful to 
decide at the start just what steps are to be considered. We may begin by 
a classification into activations and elementary reactions. 


1.2. An activation is here defined as a process which involves no chemi¬ 
cal action, but merely changes in the internal energy of one or more mole¬ 
cules. 1 At the present time there is every reason to believe that in actual 
thermal reactions all but an insignificant fraction of the activations take 
place at ordinary two-body collisions. 2 It would, of course, be quite 
gratuitous to suppose that polymolecular collisions were specially effective 
in producing activations, and since their number is very considerably less 
than that of ordinary collisions they may surely be neglected. It was at 
one time supposed that the most important source of activations was the 
mteraction of molecules with light quanta. This belief, the so-called 
.Radiation Hypothesis of Chemical Reaction, was once widely held- the 
evidence against it has steadily accumulated, and it has now been aban- 


" hm “" 1 “ “ »« how* 

the last yield collision numbers of the same order n/L 0 !^^ 6 P henomena ?xcept 
molecular diameters of the order of KM — IQ- 8 cm ma guitude, corresponding to 
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doned to such an extent that it has seemed best to relegate it to the 
Appendix, and there treat it briefly from an historical standpoint. 


1.3. In contrast to the single important type of activation, there are 
many different kinds of elementary reactions. We may begin their classifi¬ 
cation by writing down the types 



A 

= x 




(la) 


A 

— X 

+ . 

• + 

z 

(lb) 

A 

+ B 

= x 




(2a) 

A 

+ B 

= x 

+ • • 

.. + 

z 

(2b) 

A + B 

+ c 

=x 




(3a) 

A + B 

+ C 

— x 

+ •. 

• • + 

z 

(3b) 


It will be seen later why it is important whether the products of the ele¬ 
mentary reaction consist of one molecule or of more than one, and why 
it is a matter of comparative indifference whether they are two molecules 
or more than two. We shall call the elementary reactions of types (la) 
and (lb) unimolecular, those of types (2a) and (2b) bimolecular, and the 
last two trimolecular. When a reaction mechanism contains only one ele¬ 
mentary reaction it will be called unimolecular, bimolecular, or trimolecu¬ 
lar, in agreement with the type of the elementary reactions; when it con¬ 
tains more than one elementary reaction it will be called complex. 3 In 
this book the terms unimolecular, bimolecular and trimolecular will always 
have the meanings given here. Unfortunately, in much of the literature 
they have been applied both to postulated mechanisms of reaction, and 
also to the reactions themselves. Thus it has been customary to call any 
reaction whose rate was proportional to the concentration of one substance 
unimolecular. It seems of great importance to distinguish between the 
definite experimental facts represented by the empirical reaction rate 
equation and the always somewhat doubtful mechanism which may be 

8 In practice, we shall not enforce this nomenclature too strictly, since it would 
result in calling many quite simple mechanisms complex. Thus, a plausible mecha¬ 
nism for the decomposition of nitrogen pentoxide is 

NaO* = NaO* + Oa 
NaO« + KaOa=4NOa. 

By the device of considering the second of these reactions an unimportant consequence 
of the first we may feel justified in neglecting it and meaning by the decomposition 
of nitrogen pentoxide merely the process expressed in the first equation. This can 
be done since the second reaction is quite rapid. When we do this, we must divide 
the experimentally determined reaction rate by two to get the rate of the reaction 
we are then discussing. Several other reaction mechanisms will avoid the label 
complex by the use of similar stratagems. 
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invented to account for these facts. It is found by experiment that the 
rates of many reactions are given by equations of the form 

-M±=k[A)*[By... 

where k is a function of the temperature only; when this is true the num¬ 
ber p -j- q -f- . , . is called the order of the reaction. When the rate of 
the reaction cannot be represented in this way, we shall say that the re¬ 
action has no simple order. In formulating the distinction between the 
order and the mechanism of a reaction as we have done here, we are 
following the conventions urged by Tolman. 4 It sometimes happens that 
an equation of the type given will represent the rate of a reaction over a 
considerable range of concentration, but that outside of this range the 
representation fails; in this case we shall speak of the reaction as having 
a definite order within a stated range of concentration; since the order of 
a reaction is always determined by experiment, which is necessarily re¬ 
stricted to a limited concentration range, any statement as to the order 
of a reaction must naturally be considered implicitly qualified by the 
parenthetical attachment of the range of demonstrated validity. 


1.31. The six types of elementary reactions given may be further 
classified into endothermic and exothermic reactions. In making this 
classification we shall use the heat of the reaction as it would take place 
at the absolute zero; the reason for this choice is apparent, since the single 
molecules which take part in an elementary reaction know nothing of 
temperature; if the reaction is exothermic at the absolute zero, then it is 
always energetically possible for the elementary reaction to occur spon¬ 
taneously, if it is unimolecular, or at every collision of the necessary mole- 
cuto if it is polymolecular; while if it is endothermic at the absolute 
zero, this is not true, and an energy condition must be fulfilled before 
reaction can occur; knowledge of the sign of the heat effect at any higher 
temperature would not permit the enunciation of such definite principles 
Of course, even when the reaction is exothermic and the First Law there- 

mlv l?? reqmr j\ any energy condition t0 be satisfied, such a condition 
may stall be imposed for some less fundamental reason; in such cases the 

l“rCe.'“ C ” d -iionstcSTof 


* «- •* — ’ll 

*R. C. Tolman, “Statistical Mechanics,” New York, Chemical Catalog Co., p. 237. 
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-cules. Such a distinction does not arise for the unimolecular mechanisms, 
of course, since then A is necessarily polyatomic. 

1.4. The Connection Between Order of a Reaction and Its 
Mechanism.—It may often happen that a reaction which is first order has 
a unimolecular mechanism, that one which is second order has a bimolecu- 
lar mechanism, and similarly for third order. But there are several causes 
which can result in the failure of any such simple correspondence. It may 
be that the actual mechanism involves several steps, some of which take 
place so fast that they do not affect the rate; when there is only one slow 
rate-governing step it will determine the order of the reaction. Thus in 
the decomposition of nitrogen pentoxide (Section 1.3) the second of the 
steps given is so fast that the first step must determine the rate. The 
reaction is actually found to be first order over a wide range of pressure, 
and since we have adopted a convention by which it is also considered 
unimolecular, we have in this case a correspondence between order and 
mechanism. But we shall later find many examples of more complex 
mechanisms which give simple orders. Another way in which a complex 
reaction may have a simple order is for it to involve reversible reactions; 
this is particularly true for reactions of the third order; thus the set of 
reactions 

A + B = AB 
AB=zA + B 
AB + C = X+Y 

will result in an overall reaction of the third order if the first two reac¬ 
tions are so fast that the third is the essential rate governing step, since 
then by the law of mass action the concentration of AB is proportional 
to the concentration of A and of B ; but if the last reaction is very fast 
compared to the others, the same mechanism would give a reaction of the 
second order. Finally, whenever there is an energy condition which must 
be fulfilled before reaction can occur, there is the chance that the rate 
of the reaction will be governed not by the actual elementary reactions, 
but by the activations which are needed. When a single activation process 
determines the rate, a second order reaction is to be expected. All of these 
possibilities will be considered in detail later. 

1.5. The Temperature Coefficient of Reaction Rate. —Perhaps the 
most striking feature of most chemical reactions is the strong dependence 
of their rates upon temperature. It is usual for an increase of tempera¬ 
ture of 10° to result in an increase of rate of from twofold to fourfold, 
although some reactions are not so strongly affected, and a few have rates 
which, decrease with an increase of temperature. Near the close of the 
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last century Arrhenius 5 invented the concept of active molecules and by 
their use derived an equation which actually represented the temperature 
dependence of the reaction rates which had then been studied, all of them 
belonging to reactions which took place in solution. Arrhenius considered, 
as an example, the inversion of cane sugar by acids. It was thought at 
that time that the active catalyst was the hydrogen ion. Arrhenius knew 
that the degree of ionization of acids was but slightly affected by the 
temperature; he knew that in gases the number of collisions increased but 
slowly with the temperature, and reasoned that in solution a similarly 
small increase must be expected; he knew that other physical properties 
of the solution, such as its viscosity, did not vary markedly with the tem¬ 
perature. He felt compelled to base his explanation of the large tempera¬ 
ture coefficient of reaction rate upon some other large temperature 
coefficient, and he was thus led to the postulate that not all of the sugar 
molecules were capable of reaction, but only those which were momen¬ 
tarily in a special form of high energy content. 8 Then, if the heat of 
formation of this active modification was ~q, the equilibrium constant 


[active form] 
[inert form] 

would be governed by the van’t Hoff equation 


dlnf£ _q__ 
dT ~RT* 


Now, when it was further supposed that under all circumstances the con- 

r n T l ° n °1 the actlve form was ver y small compared with that of the 
““ tom., the concentration of the latter conld be taken as constant. This 


d In [active form] 

If 


RT* 


which upon integration with the assumption that q was constant yielded 
[active form] = constant X e~^ RT 

tteaSHfm 2 Tff t00k pla f upon « f a of 

rate constant of the fora/ 10n then led t0 a seconc * order reaction 


K -- Slg Hi 

Which was shown to be in agreement with experiment. 

«Thlw m 'n!’ 2 ' Chem., 4:226 (1889). 

needed, reaTtion^h^d^ that if no activation w 

-**> * ■^SKrsr-^*.*-is ass 
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Arrhenius suggested that the active form of sugar might be either a 
tautomer or possibly a hydrate, since the concentration of water remained 
constant in the experiments. 7 

1.51. The Modem Concept of Activated Molecules.—Our plan 
of analyzing a reaction into its constituent elementary reactions would not 
permit us to call one of Arrhenius’ active tautomers an activated molecule, 
since its formation would be regarded as an actual chemical process, and 
the reaction involving it would be treated as complex. Furthermore, at 
least for gas reactions, there is no evidence for the existence of such 
tautomers. We shall mean by activated molecules, molecules which are 
capable of reaction either spontaneously, if we are considering a uni- 
molecular reaction, or at the next collision with suitable molecules 8 if the 
reaction is polymolecular. The difference between normal and activated 
molecules plainly must be a difference in quantum state. We shall natu¬ 
rally be prepared to find reactions for which activated molecules are not 
necessary, and also to discover that the requirements for an activated 
molecule depend not only upon the chemical species of that molecule, but 
also upon the particular reaction with which we are concerned. Even 
with all these restrictions, we cannot always decide unambiguously 
whether a molecule is activated, since the condition for reaction may in¬ 
volve only a sum of the energies of the two colliding molecules. With 
these provisions in mind, we may derive some rather general relations 
between the temperature coefficient of reaction rate and the average energy 
of the molecules that react. To do this we shall need to consider several 
different cases. For the most part we follow closely the treatment given 
by Tolman. 9 

1.52. Unimolecular Elementary Reactions in Which the Acti¬ 
vated Molecules Are Maintained at the Equilibrium Concentration. 
—We will here suppose that a unimolecular reaction is proceeding slowly 
enough so that the reaction system is in what might be called perfect 
temperature equilibrium; by this we mean that every chemical species 
present has its coordinates and momenta distributed in accordance with 

7 According to present ideas, the active form could scarcely be a hydrate, since 
the extent of hydration would almost surely decrease as the temperature rose. One 
modern view (F. O. Rice, “Homogeneous Organic Reactions/’ New York, Chemical 
Catalog Co., Inc., p. 75) is that the hydrogen ion as well as the sugar must be 
activated. The current opinions as to the mechanism of this reaction, which has 
probably been studied more than any other, are very conflicting, and a discussion 
of them would carry us far from our topic of gas reactions. 

8 In this sense a suitable molecule is one of the proper chemical species, with a 
permissible orientation at collision, and properly activated, if this is necessary. 

9 R. C. Tolman, “Statistical Mechanics/’ New York, Chemical Catalog Co., Inc., 
pp. 260-269; /. Am. Chem. Soc v 47:2652 (1925). 
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the Maxwell-Boltzmann distribution law. For the moment we are in¬ 
terested only in the single substance which is reacting, and we are con¬ 
cerned only with its internal energy, since by the Principle of Relativity 
we know that its chance of spontaneous reaction cannot be affected by its 
translational velocity. 10 We will therefore write down for the concentra¬ 
tion of the reactant molecules in the jth quantum state the expression 


_ Npse-’W 
1 ~ Ip i e-^ kT 


( 1 ) 


Here e, is the energy of a molecule in the state j, p f is the a priori proba¬ 
bility or quantum weight of the state /, and N is the total number of 
reactant molecules; the sum in the denominator is to be taken over all 
possible states. Now if the molecules in the state j have a specific reac¬ 
tion rate kj, then the total rate at which the reaction proceeds is evidently 

dN __ f N hPi<r“ /kT 

dt 2pier ei / kT (^) 

i 

and we can calculate a true first order reaction rate constant 


k „_± dN 

N dt ~ 2p t e' c ‘/ kT 


Zktpjr*/*? 

i 


( 3 ) 


We shall at a later time try to evaluate the quantities occurring in this 
^ d , h , us determ >ne£ but °ur present program is less ambitious, 
oerature r^ be nontent with gaining some information about its tem- 

^ Sp2S®h^v es ‘ sp ° rpose " ,e difierMiil,e(3) k ** ria ”^ 


dink 




i kT 2 


dT ZkrfJpiW ~2p^M 

1 < 


( 4 ) 


The first term on the right is obviously the average value of ~ for the 

10 TU • 1 1 /v I 

the molecule wilHmve ^dTffent hmt’LalfXiT" “ observer moving with 
to the containing vessel. The observer at , n -*? n observer at rest with respect 
that the clocks of the observers on the individuaT™!^ 60 * t0 tbe Y esseI wil1 find 
and since it is only with resoect tltub i 7 molecules are running too slowly 
considered a true constant the^observer^at^Kt'in^hp at *1 ch f, n « of Action can be 
molecules reacting less often than sto ve molecules to thl T*" &d the faSter 
of course for the actual velocifipc molecules in the same quantum state. But 
negligible. Vel0cit,es whlch molecules possess this effect is completely 



ELEMENTARY REACTIONS 


21 


molecules that react, the second the average value for all the molecules. 
Hence, using the mark = to denote an average for the molecules that 
react, and the mark ~ an average for all the molecules, we can write 
(4) in the simple form 

d 111 k _ 8 ~—£ X 

dT '~’~Fr r c j 

The difference s — i is on the average the excess energy of the reacting 
molecules; we shall call it the energy of activation. 

It should be noted that in this derivation we do not assume that some 
molecules are activated and some not. We believe that there will be many 
states j for which kj is zero, but the calculation is independent of our 
belief. We expect e — e to be positive, but so far as the equations are 
concerned it may as well be negative, and it may vary with T in a wide 
variety of ways. For these reasons the formula (5) attains its greatest 
usefulness only when d In k/dT has been measured, so that we can esti¬ 
mate e and therefore e. 

1.53. Unimolecular Reactions in Which the Equilibrium Concen¬ 
tration Is Not Maintained.—We will now consider in what way the 
foregoing discussion must be modified when the activations are not fast 
enough to maintain perfect temperature equilibrium. If we let Ni be the 
actual number of molecules in the state i } N the total number of molecules, 
Pa the specific rate at which molecules pass from state i to state /, and Oj 
the fraction of molecules reaching state j which react, we have 

k = ^2Z6 1 p ii N i ( 6 ) 

iv i j 

This equation is so magnificently general that even statistical mechanics 
can discover very little information in it. In order to proceed we must 
make some assumption; in our choice of assumptions we shall of course 
try to be guided by the actual types of unimolecular reactions which we 
think occur. Now we believe that the most important condition for an 
activated molecule is that it have a great deal of energy, since the uni¬ 
molecular reactions for which we find evidence have large temperature 
coefficients. If the molecules which react are ones of high energy, the 
reaction will be most effective in depleting the concentration of molecules 
in the highest quantum states; for the lower states, the Maxwell-Boltz- 
mann distribution may be nearly maintained. We therefore assume that 
all but a negligible fraction of the molecules which actually react are 
derived from states i for which the equilibrium concentration is main¬ 
tained. When we consider in detail particular mechanisms of unimolecular 
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reactions, it will be seen that in most cases this assumption is not far 
wrong. We therefore set 

Ni __ pie-*'/ kT 

N ~~2pie~“I kT 

i 

where the sum is to be taken over those states which do not react. We 
now introduce this relation into ( 6 ), and at the same time restrict the sum 
with index i to inactive molecules, and the sum with index / to activated 
ones. This gives 

k= — 2p ie -^T ( 8 ) 

i 

We next examine It proves desirable to replace this by an ex¬ 
pression in which the temperature dependence is more explicitly repre¬ 
sented. To do this we consider the rate of the inverse process, the 
passage from state —7 to state — i. The specific rate for this process 
we will call Then for the case of equilibrium, by the principle of 

microscopic reversibility, we will have the condition 


flijNi = a_j-iN-j 

At equilibrium there will be the further relation 


A [zL—izl 

Ni pi 


e 


e-j — ei 

kT 


Substituting this into (9) and making the obvious changes 


(9) 

( 10 ) 


we get 


P-i = Pi 

e.j = gj 

o Pi -f L~.i 

Pii = a.y_i — e kT 

Pi 


( 11 ) 


We assume that this relation between the specific rates will hold even 
when the system is not in equilibrium. Such an assumption is not re¬ 
quired by thermodynamics, but it is a very natural one to make- if our 
previous assumption that almost all the molecules in states j are derived 
from molecules in states i is correct, then we should expect the specific 
rates p t] and «.,_ 4 to retain their equilibrium values nearly unchanged • 
we are making merely the less stringent requirement that the ratio of these 
two specific rates shall be nearly constant. 
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Upon introducing (11) into (8) we obtain 

b — 11 _ 

~~ 2pie^ kT 


We then differentiate logarithmically with respect to T, and find 


d In k 

HT 


wzi -pj /kT (d\ti0j . d In . Sj \ 

J£2Sja„j~ipje- e */ kT 


JSpie- £i ^ kT 


( 12 ) 


(13) 


This may be simplified by the introduction of averages, as before. It 
becomes 


d Ink _ dlnOj , d In , e — e 

dT ~ dT ^ dT WT 


(14) 


The first two terms on the right will probably be small. For since we 
expect that the process of activation is collisional, and that very few acti¬ 
vated molecules survive a collision, we may introduce a specific rate of 
destruction of activated molecules, KVT, where K will be independent of 
temperature. We will have 


and therefore 


so that 


A _ 

' kj + kVt 

(15) 

d In 6, _ K/2VT 

dT ~ kj + KVT 

(16) 

din 0/ ^ 1 
dT < 2 T 

(17) 


The second term is more difficult to handle. The average is to be taken 
for all states —} which are the inverse of the states j of the molecules that 
react, and for all states —i which are the inverse of the states i which 
these molecules were in before they were activated. We are not justified 
in putting at a fraction of the number of collisions, independent of 
the temperature, since the velocity and quantum state of the colliding 
molecule may alter profoundly the chance of producing different states 



24 KINETICS OF HOMOGENEOUS GAS REACTIONS 


—But we may still piously hope that on the average <*_/-< will be pro¬ 
portional to V7, so that at least 


dlna+j ^ 1 
dT ~ T 


(18) 


For the actual first order reactions to which we have assigned unimolecu- 
lar mechanisms, experiment has always demonstrated that d In k/dT is 
large compared to 1 /T, and hence that the last term in (14) is the domi¬ 
nant one. At a much later stage, when we make numerical calculations 
dealing with actual reactions, we shall find that the approximations intro¬ 
duced here do not seem to be far wrong. 

In making all the calculations of this paragraph we have used false 
first order constants in analogy with the true first order constants that 
we found when the activations were fast enough to maintain the Maxwell- 
Boltzmann distribution. When this distribution is not maintained, the 
reaction will not usually have any simple order. The temperature co¬ 
efficients which we have calculated apply to a constant concentration, and 
are quite independent of the form in which the rate may be expressed. 
In continuing to calculate first order constants, we are following in the 
footsteps of experiment, which has usually found such a calculation useful. 


1.54. Bimolecular Reactions in Which the Activated Molecules 
Are Present in the Equilibrium Concentration—Here again we 
should logically consider the two possible cases, that the equilibrium con¬ 
centration of activated molecules is maintained, and that it is not. Only 
the first case is of interest, however, since no example is known of a 
reaction which corresponds to the second; furthermore, it will be seen in 
the next chapter that it is only under very special conditions that such a 
situation as would correspond to the second case could arise. We shall 
suppose that there are N molecules of the first kind per cubic centimeter, 
and we will write for the concentration of molecules in the state j 


NSp^/kT 

N, — — j 

2pier* i / kT 


(19; 


meterte'’^ ° f “°i ecu ! es of the ^cond kind per cubic cent, 

meter be JV , and the concentration m the state v be 


N' = - 


N'2p,r*f*r 


ft 


( 20 ) 
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It will be convenient to have Roman letters denote quantum states of 
molecules of the first kind, and Greek letters of the second. 

A collision will be defined in rather a formal way. We shall call those 
interactions collisions for which the asymptotes of the orbits on which 
the molecules are moving while they are still far apart pass within a 
distance not greater than o of each other. The distance o will be chosen 
large enough so that the chance of reaction at encounters which are not 
collisions in this sense may be disregarded. The advantage of this pro¬ 
cedure is that a number of collisions is obtained which is dependent on 
temperature only as V T ; the disturbing influence of intermolecular forces 
has been removed from collision frequency, and appears now only in the 
reaction probability. We may write for the rate of reaction 


-f=-T= T *??JLJL. N ‘ N ' k <’ lR - S) '' (R - s '> dRdS (21) 

where NN'T^cp^R, S)dRdS gives the number of collisions per unit of 
volume and time for which the relative velocity parallel to the line of 
centers is between R and R + dR> and the relative velocity perpendicular 
to this line is between 6* and S’ + dS; kj ( RS ) is the average chance of 
reaction at a collision characterized by the relative velocities R and S, and 
the quantum states j and v ; it is supposed that this chance has been aver¬ 
aged over all possible orientations of the colliding molecules by a pre¬ 
liminary integration. 

It is shown in Section 1.4 that the fraction of all collisions in which 
R and ^ lie in the ranges R to R + dR and 5 to 5 + dS is 


dZ 

Z 



4 - S*) 

2 kT RSdRdS 


( 22 ) 


where /t is the reduced mass. Putting (19), (20) and (22) into (21), 
and letting A be a factor arising from collision frequency, we obtain 


k = AT-%22 
i v 



Npfe~ ei / kT 
2p ie -“' hT X 


N'p v e- e ”/ kT 

Zp.e-^ 6 


Wt CR1 + S2) k it {R, S)RSdRdS 


U 

A logarithmic differentiation gives 


(23) 


dInk _ 3 . y 2f i(R 2 + S 2 ) e — s . e' - e' 

2T + kT 2 + kT 2 kT 2 


dT 


(24) 
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where the primed energy values refer to molecules of the second kind. 
It is shown also in Section 2.4 that 

W(WT~S*)-2kT (25) 

By using this equation we put (24) into the form 

dink _ 1 Wf*(R 2 +1 2 )~+e + «' - + S 2 ) + e + s' 

dT ~~ 2T' kT 2 ^ 0) 

Here again we will call the numerator of the last term the energy of acti¬ 
vation; it represents the excess of the average energy of those temporary 
collision complexes which react over the average energy of all the collision 
complexes. The term 1/2 T enters because the collision frequency is pro- 
portioned to vT. The formula (26) tells us nothing about which of its 
terms are most important. The various special cases which can arise will 
be treated in the following chapter. It may be worth while to point out 
at this time, however, that we might expect the chance of reaction to be 
reduced by a large value of S, since the time of the collision would be 
reduc ed by a high velocity perpendicular to the line of centers; thus the 

term 1 / 2 fiS i — J 4/iS 2 may make a negative contribution to the energy of 
activation. 


1.55. Trimolecular Reactions.—It would be possible to treat tri- 
molecular reactions in a way similar to that used in the preceding para¬ 
graphs. The highly formalized triple collisions which would occur in the 
argument would be found to bear still less relation to the actual triple 
collisions which would occur in the gas than was the case with the ordinary 
collismns of importance for bimolecular reactions. This failure would be 
due chiefly to the importance of intermolecular forces, which are much 
more influential m affecting the number of multiple collisions than they 
are for ordinary ones Moreover, of the third order gas reac ioS wIich 

*“ a ,e T ra S" "*ich is 

SS 5 

chapter. ^ gument used in the present 



Chapter II 

Statistical Mechanical Interlude 


2.1. Introductory Statement. —Since very considerable use of statis¬ 
tical mechanics is to be made, it has seemed worth while to give a brief 
outline of those portions of the subject which are most relevant here. 
Naturally, no attempt at completeness is made; the treatment is necessarily 
somewhat brief, also, and will scarcely be suited to readers unfamiliar with 
the subject. Its chief use, perhaps, will be as a collection of formulas. 

Since the purpose of this treatment is purely practical, it passes over the 
initial portions of the subject and begins with the Maxwell-Boltzmann 
Distribution Law. 


2.2. The Maxwell-Boltzmann Distribution Law. —This law is per¬ 
haps the most important result of the classical statistical mechanics. It 
is a general expression for the most probable state of a system composed 
of numbers of identical elements. It may be stated in the form 


dN 


— jVf* * * dq n dp 1 


dp n 


J. . * J e~ e/kT dq x 


dq n dp x 


dpn 


( 1 ) 


where N is the . number of elements of some chosen kind, whose momen¬ 
tary state may be completely specified by assigning values to the n co¬ 
ordinates q x . . . q n , and the corresponding momenta p x . . . p n ; s is the 
energy of an element with the coordinates q x . . . q n and momenta 
pi . . . p n ; and dN is the number of elements whose coordinates and 
momenta lie between q x and q x + dq x ; q 2 and q 2 + dq 2 ; . . . pn and p n + 
dp n . The integral in the denominator is to be taken over all values of 
q x • • • pn which are physically allowable. It is customary to regard the 
coordinates and momenta as represented by a point in a 2w-dimensional 
phase space. 

This distribution law is most useful when AT is a large number, since 
the probability of appreciable deviations from the most probable state then 
becomes extraordinarily small. Thus we shall have no hesitation in re¬ 
garding the most probable state of any macroscopic chemical system as a 
steady state, from which the system will not depart. 

27 
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2 . 3 . The Distribution of Molecular Velocities.—As a first applica¬ 
tion of the general distribution law, we shall calculate the distribution law 
for molecular velocity. To do this, we shall have to assume that the 
energy e may be decomposed into two parts, one, s r , independent of the 
molecular velocity, the other having the simple form 

S * = ^W + P* 2 + P° o 
= -J(* 2 -f* 2 + i 2 ) (2) 

where m is the mass of the molecule and p u p 2 , p s are the components of 
momentum in the x, y and z directions. Now we integrate ( 1 ) over 
dq x . . . dq n and dp± . . . dp n . When this is done, we will be able to 
cancel out the factor 


f ■ ‘ • f e ~ Cr/kT dqi . . . dq n dpi . . . dp n 
from numerator and denominator, leaving 


dN == Ne et ^Tdpidp 2 dp3 

fff e~ e,/kI 'dp x dp 2 dp s 

where now dN is the number of molecules with momenta between 


(3) 


pi and Pi -j~ dpi 
p 2 and p 2 + dp 2 
P& and Pq dp 3 . 


To get this m a more usual form, we substitute for e t and dp u dp 2l dp 
their values m terms of x, % i. This gives ¥ 


dN = 


Ne 

OO 


4 - y + s 3 ) 

2kT dxdydz 


/// 

— OO 


tn(x* -f 

2kT dxdydz 


(4) 


which upon integration of the denominator takes the simpler form 



"»(** + + g) 

2kT dxdydz' 


( 5 ) 


f 



STATISTICAL MECHANICAL INTERLUDE 


29 


We may instead introduce polar coordinates into (4) by the substitutions 

c 2 = x 2 + f + i 2 (6) 

and 

dxdydz = c 2 sin OdOdcpdc (7) 

where c is the total velocity and 0 and cp are polar angles. We obtain 


dN = 


Ne 2kT c 2 sin OdOdcpdc 

/ co p*2 r JT /'nr __ me 2 

oJoJo* 2feT C 2 sin OdOdcpdc 


which upon integration of the denominator gives 


_/ m \% t 
~\2tnkTj 1 


Ne~ mdl / 2kT c 2 sin OdOdcpdc 


The number of molecules with velocity between c and c + dc } independent 
of direction, is found by two further integrations. It is 


dN = e- m ^ 2kT c 2 dc ( 10) 

2.4. The Number of Collisions between Molecules.—In this cal¬ 
culation we regard the molecules as rigid, elastic spheres which exert no 
forces on each other except at the instant of collision. With this assump¬ 
tion, e in (1) is not a function of the spatial coordinates x, y and z, and 
we may integrate (1) over all allowed values of the other coordinates and 
of all the momenta, giving 

dN = dxdydz (11) 

where U is the total volume of the system and /J is a van der Waals’ type 
correction for the volume of the molecules, which we shall henceforth 
neglect. Thus the molecules are uniformly distributed throughout the 
space available to them. 

Now consider the chance of a collision between two molecules of 
masses m lf m 2i diameters o lf a 2 , velocities in the ranges 

x x to x ± + dx x x >2 to x 2 + dx 2 

Vi to yi + dy ± and y 2 to y 2 + dy 2 

z± to ii -f- dz i z 2 to z 2 -f - dz 2 

and subject to the further condition that at the instant of contact the angle 
between the relative velocity V and the line of centers shall be between 
0 and 0 + dO. t Now at the instant of contact, the second molecule must 
lie on a ring of area 2 no 12 2 sin OdO, cut out of the sphere of radius 
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o n = y 2 (a x + o 2 ). And since the component of velocity perpendicular to 
the surface of this ring is V cos 0, the center of the second molecule mus 
lie in a region of volume 2nVo v2 2 sin 6 cos 6d6dt if the collision is^ to occur 
within the time dt. Since the chance that the center will be within this 
volume is its ratio to the total volume, U , the rate at which these two mole¬ 
cules collide in the specified way is 2n{V/U)ox 2 2 sin 0cos 6d0. We may 
now use the distribution law (5) to get the numbers of molecules of the 
two kinds in the system. This gives us the total number of collisions per 
second of the kind described, namely, 


dZ = 2n Vo 12 2 (X 


U ' \4n z k 2 T 2 J 
e 2 kT sin 0 cos OdQdxxdyxdzxdxzdyzdZz 
For convenience of treatment we introduce variables defined by 
_ nhX i + _j. ^ 

u =--- a = x 2 — *i 

Mx-j-nh 

with similar expressions for the other directions. Then evidently 

V 2 = a 2 + $ z + y 2 


and we write also 


c 2 = u 2 + + w 2 


( 12 ) 

(13) 

(14) 

(15) 


Here c is the velocity of the center of gravity of the system. Then we 
introduce the identity 


VHCi + m 2 c 2 2 = 
where // is the reduced mass, 

and we use also the equations 

dxxdx 2 ■ 


(mx + nh)c 2 pV 2 


mxfiH 

r — 

m x + Wh 


dxx dx x 


du da 

: 2 — 

dx 2 dx 2 


du da 

*= duda, etc. 


duda 


(16) 


(17) 


(18) 


We find then 


U 


dZ = 2 n 


•exp\ 


(m i + «*2)c 2 + /.iV 2 

2kT 


z( m,ph w 

12 \4n 2 k 2 T 2 ) X 
J V sin 6 cos Bdddudvdwdadfidy (19) 
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Normally the velocity of the center of gravity is of no interest, so we next 
integrate over all values of u,v, w. The result is 

dZ — 2 n 0l}2 2 e^ v ^ 2kT V sin 0 cos 6d6dadj3dy (20) 

The direction in space of the relative velocity V is not of interest either; 
a passage to polar coordinates and integration over all directions produces 
the factor 4 nV 2 dV: 


dZ = 8ti 2 o 12 2 



e -»V‘/2kT y» s i n q cos ed ddV 


( 21 ) 


This is the number of collisions per second in which the relative velocity 
is V to V + dV, and the angle of this relative velocity with the line of 
centers is 0 to 0 + dd. The number per unit volume is found after division 
by U: 

dZ = 8n 2 o 12 2 (^f) % e-^ 2kT V s sin 6 cos MdV (22) 

The number of collisions per unit volume in which V lies between V and 
V + dV regardless of its orientation is found by integration from 0 = 0 
to 0 = n/2. It is 

dZ = An 2 a 12 2 (^f) % 'e- flV,/2kT V*dV (23) 


For our purposes, however, we shall be more interested in R = V cos 6, 
the component of relative velocity parallel to the line of centers. We shall 
first calculate the number of collisions in which R exceeds some value R 0 , 
by integration of (22); evidently the limits for 6 will be cos' 1 1=0 and 
cos* 1 R 0 /V ; the limits for V will then be R 0 and oo. We find 


/ oo /*cos~ 1 =/ AT AT / it \% 

R Jo 8n2 \2nkf) ‘ r » v ’ /2kT V s sin 6 cos 6d6dV 

=11^^'- RSV)dV 


= 2 o 12 2 (-~Y e-» R °'/ 2kT 


U 2 




(24) 


By setting R 0 = 0 we see that the total number of collisions is 


' U 2 


■ 0 12 ' 


ff-T 


(25) 
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and hence the number of collisions in which R exceeds the limit R 0 may ^ 
written in the simple form 

Z{Ro)=Zc-#*'t 2kT ( 26 ) 

where Z is the total number of collisions. The number of collisions in 
which R lies between R and R -f* dR is obtained by differentiation of (26). 
It is 


dZ 

- Z-4e-^ ,/24r RdR 
kT 

(27) 

The mean value of R 2 for all collisions is given by 


j? 2 — J 

R*dR 2 kT 

(28) 

IV -— “ 

„ J 

so that 

f °° RdR ** 

0 


y 2 fiR 5 =kT 

(29) 


The component of relative velocity perpendicular to the line of centers 
is also of some interest; this component may be called and is of course 
given by S = V sin 6. It is found by the use of similar methods to those 
of the preceding paragraph that the distribution law for 5* is precisely the 
same as that for R ; this distribution law is, in fact, simply that for the 
velocities in a two-dimensional gas. The total kinetic energy of the aver¬ 
age collision, computed with respect to the center of gravity of the col¬ 
liding molecules, is evidently 2kT ; half of this energy corresponds to the 
component of velocity parallel to the line of centers, and half to the per¬ 
pendicular component. 

When collisions between like molecules are to be considered, these 
formulas must all be modified by setting fz = m/2, o 12 = o, and N X N 2 = 
N 2 /2. 


2.5. The Distribution Law for Quantized Systems.—It is fre¬ 
quently the case that a system cannot possess any arbitrarily assigned 
energy, but can only exist in one of a series of quantum states. The prob¬ 
lem then arises how the classical distribution law must be modified. The 
modification which we shall use is that represented by 


A7 _ NPie-t'W 
SSi ~ Zpi***W 


(30) 


Here e* represents the energy of the ith quantum state of the system in 
question, and pi its quantum weight or a priori probability, that is, the 
number of different states into which it can be split by the application of 
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all conceivable perturbations, such as electric and magnetic fields. In 

view of the quantum condition pidqi — nth (this pi is not to be confused 

with the a priori probability; it clearly represents a momentum) it is con¬ 
venient to regard each of the non-degenerate states of a system of j 
degrees of freedom as possessing a ^-weight of h 8 , since this is the volume 
of the cells into which quantization divides the classical phase space. 

The law (30) represents the extension of the Boltzmann statistics to 
the quantum problem. We now believe that many systems obey either 
the Fermi or the Bose statistics, which differ from the Boltzmann in 
opposite directions; but since the numerical differences are not appreciable 
for any of the problems we shall consider, the use of the simpler and more 
familiar statistics is fully justified. 


2.6. The Principle of Microscopic Reversibility.—We shall need 
to make frequent use of a principle which is known variously as the prin¬ 
ciple of microscopic reversibility, the principle of detailed balancing, and 
the principle of entire equilibrium. The essential significance of this 
principle is that when a system is in equilibrium the number of changes 
which take place of any kind is equal to the number taking place of some 
opposing kind. It is necessary to be somewhat sophisticated in giving 
exact meaning to the term opposing. In the classical treatment 1 the idea 
of reverse states and reverse processes is fundamental; a reverse state of 
any system is obtained by instantaneously reversing all of the velocities of 
its component parts; the form of the Lagrangian equations of motions 
guarantees that in the absence of magnetic fields or other sources of terms 
in the Lagrangian function of odd degree in the velocities the system will 
then retrace its previous history, being always, however, in the reverse of 
its preceding state. A reverse of any given process is then one in which 
the systems involved start in states which are the reverse of the final states 
of the given process, and end in states which are the reverse of the initial 
states; this is a dynamically possible motion under the same restrictions 
as before. It may then be shown that at equilibrium the frequency of 
occurrence of any process and its reverse will be the same. The new 
quantum mechanics, and in particular the uncertainty principle, destroys 
much of the significance of this classical treatment. In particular, the 
concepts of reverse states and processes become almost hopelessly nebulous 
and Boltzmamfis cycle of corresponding collisions, which underlies the 
entire proof, no longer remains a simple cycle. It will remain certainly 
true that when the reverse states of the states in which we are interested 
are either identical with, or equivalent to, the states themselves, the fol- 

1 For example , R. C. Tolmarx, “Statistical Mechanics,” New York, Chemical 
Catalog Co., Inc., pp. 148-167. 
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lowing theorem is correct: In any.system, at equilibrium, the rate at 
which the change from states i to states j occurs is equal to that at which 
the change from states j to states i occurs; here states i and states j are 
terms which may refer either to single states or to groups of states, sub¬ 
ject to the single restriction that for every state in the group there must be 
also included whatever the quantum mechanics will recognize as the reverse 
state. This form of the principle of microscopic reversibility is sufficiently 
general for our purposes. 


2.7. The Application of the Distribution Laws to Groups of 
Harmonic Oscillators.—Finally, we may as well solve here a somewhat 
more special problem which will arise later. This is the application of 
the general distribution laws to groups of weakly coupled harmonic oscil¬ 
lators; the coupling is supposed to be merely sufficient to insure energy 
transfers between the oscillators, but weak enough so that the actual 
energies will be unaffected by it; this is the type of model which we shall 
use for molecules in the theory of unimolecular reactions. 

The problems we shall consider are two in number; first, to find the 
form of the distribution law for the total energy of a group of oscillators, 
and second, given an ensemble of groups all with the same total energy, 

to find the distribution law for the energy of some selected oscillator of 
the groups. 


We may consider the classical case first. We start from the general 
distribution law (1); m accordance with our assumption that the inter- 

Sl°be energieS arC negH§ible ^ f ° rm ° f S f ° r a grOU P of J “dilators 


e ~ + *»* + «»*+...+ p t *+ q s - 2 (31) 

there is clearly no loss of generality in taking the coefficients of the Pi’s 
and q, s as unity since this is merely a change of scale of the units in- 
™“',. W' " sh “ fW chance that the total energy "£ fe 
w th n the hm.tse and . + <b j to do this, we must integrate the Numerator 
of(l)over the 2^-dimensional hyperspherical shell whose radii are VI and 

Vs + Ta — Ve-f The integration is easily performed since the 

* sgs ztr be taken in fr ° nt ° f 


ti* + . . . -f q a * = e 


■fdp,.. 
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This is simply the volume of a 2^-dimensional hyperspherical shell; the 
volume of an m-dimensional hyper sphere is 2 

n m/2 r m 

r(~ +1) (33) 

and hence the volume of the desired shell is 


1 

T'(s) ds 

and the desired integral is 


(34) 


*TJ & O 

^~e~ e/kT ds (35) 

The integral in the denominator extends throughout all space; it may be 
obtained either by a further integration over the hyper-spherical shells 
which compose the phase space, or by more elementary methods; in either 
case its value is found to be 


(rikT) 8 (36) 

The ratio of these two integrals gives the chance that the total energy of 
the s oscillators shall lie within the limits s and e -f- de ; this chance is 


g8“l 

{kryr(s) 


e~ e / kT de 


(37) 


It may occasionally be of interest to know the chance that the energy of 
the n oscillators shall exceed the limit s; this is found by integration of 
(37) to be 

[r(7) (ft) + r(^- i) (w) + ; +! ] e ' £/kT (38) 

The second of our problems is to find the chance that when the s 
oscillators have total energy in the range e to e + de some one of them 
will have energy at least £<>; this chance is the ratio of the phase-space 
volume corresponding to states with total energy e to e + de and for 
which some oscillator has energy at least e 0 to the phase-space volume cor- 

2 R. C, Tolman, “Statistical Mechanics,” New York, Chemical Catalog Co., Inc., 
p. 129. 
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responding to all states with total energy between a and a -j- da; this latter 
volume has been found and is given by (34). The former volume is 


* - Pi* de 

£i a + ffi 2 — (t > pn* + * • * Qt a = e — Pi 2 —Qi* 


ffdP.dqj. 


jdp 2 . . . dq„ 


J"J *j ( fi 3 i 2 ) s " 2 dedp ± a 


Pi * + = Co 

7l J 


r (0 


(e —* 


the last pair of integrations is made by using the substitution 


px = Vz cos 6 
q x = V# sin 5 


The ratio of (39) to (34) is 


(—=)• 


(39) 


(40) 


(41) 


which is the desired result. 

We now want to solve similar problems for a group of s oscillators 

W ‘. th , the Same fre ^ uenc y> v > takin S account of quantum restrictions. 
We shall use for this purpose the idea of quantum weights. It is clear 
that for a system of oscillators with a given total number of quanta the 
quantum weight is the number of distinguishable ways in which the given 
rjl ° f quanta may be distributed among the oscillators; this is simply 
the_ old problem of the number of ways in which / identical balls can be 
drnded among J boxes; the answer is well known, but it may be worth 
while to indicate the solution here. Consider the / balls as arranged in a 
line, then suppose that s — 1 division marks are inserted on this line in 
he intervals between the balls, so that the balls are divided into v groups 
some of which may contain no balls. This represents uniquely an Ssign 
ment to boxes, the balls to the left of the first line being placed in the first 
box, those between the first and second lines in the second box, etc Each 

co^fi^ 

sarss, 

!h + Kn‘ i! <,iffer “ t “nfigorations if all objects be 

^te / balls are ai. alike, and the,-! divisions' Z ITalfSS S ”“ 
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divide by factors of /! and (s — 1)! to remove duplications; the number 
of different configurations is therefore 


/!(*-!)! s-1 ) 


(42) 


This value for the quantum weight may be used with (30) to give the 
distribution law; the summation occurring in the denominator may be 
carried out: 


f ( %JrS e -iwvr =14-4 e - h "/ kT 4- e- 2hv / kT 4- . . . 

i -oV -S' — 1 / 1 1*2 

= (1 - e -hp/kTy, ( 43 ) 

and hence we obtain 

^ = ( ; 7 1 ) ( 1 - e ~ hv/kT y tr ’ hv/kT ( 44 ) 

The chance that when the ^ oscillators have just j quanta some selected 
one has at least m quanta is very easily found; the quantum weight for 
states which satisfy this requirement may be computed just as was done 
before; the selected oscillator may be taken as corresponding to the group 
of balls occurring before the first division mark; this group must contain 
at least m balls; the first m balls therefore are effectively removed from 
the problem and the quantum weight of all those states for which the ^ 
oscillators have j quanta and a selected one at least m quanta is 


('“Tir 1 ) <«> 

The probability that when the ^ oscillators have j quanta the selected one 
will have at least m quanta is the ratio of this to the total quantum weight 
(42), which is 


( j ~~ m s — l\ 

_ — 1 / _ (/ — m s — 1) ! /! 

^j + s — 1^ “ (/ — m )!(/+ •*— 1)! 


(46) 


2.8. With this powerful apparatus at our command, we can now begin 
a detailed analysis of chemical reactions. 



Chapter III 
Bimolecular Reactions 


3.1* The Various Kinds of Bimolecular Reactions.—The first 
classification which occurs to us is into associations 


and metatheses 


A + B=:X 
A+B-X+Y. 


The associations will of course all be exothermal; they may be divided 
into two classes, according as X is diatomic or polyatomic. The meta¬ 
theses are first classified into two groups, for one of which A and B are 
neither atomic, and for the other, one of these, say A, is atomic. Each 
of these two groups is further divided into exothermic and endothermic 
reactions. As explained in Section 1,31 the designations exothermic and 
endothermic will always refer to the reaction as it occurs at the absolute 
zero, unless a contrary statement is made. It will be convenient to con¬ 
sider these various types of bimolecular reactions separately. 


3.2. Bimolecular Associations Which Form Diatomic Molecules. 

It will be seen later, in Chapter VIII, that the important characteristic 
of this type of reaction is that it occurs with a rate which, if not zero, is at 
least too small to have been measured. Although many assumptions 
about the rate of combination of free atoms were made in the past 1 the 
modern idea of these reactions seems to have been first proposed by 
v Herzfeld, 2 who calculated what must be the mean life of the molecules 
of very high energy which would be formed by the direct union of two 
atoms. He obtained very short lives, of the order of lCh 11 to 10“ 13 sec¬ 
onds, periods which are but little longer than the duration of the col¬ 
lision itself; sjnce^ these very transient unions could not be the stable 
molecules of chemistry, he was led to the belief that the latter must be 
formed by three body collisions. We cannot agree today with all the 
details of his calculation, but the general conclusion that a stable diatomic 

1182 S wh P 7 y fi! (18 ^H Wien Akad. Ber ., 100:(IIa) 

mb 
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molecule cannot easily be formed in a bimolecular process seems well 
established. 

3.21. Consider two atoms which are approaching; suppose that they 
will form a molecule upon collision. If we transform to axes moving 
with the center of gravity of the two molecules, we find that each atom 
has kinetic energy; the total internal energy which the molecule will have 
at the instant of its formation is the heat of reaction at the absolute zero 
plus the kinetic energy of the two atoms, with respect to their center of 
gravity. It is not possible for all of this energy to be stored in the form 
of vibrational energy, since it is more than sufficient to dissociate the 
molecule again. There are three ways in which some of the energy might 
conceivably be converted into a form less dangerous to the stability of 
the molecule. The atoms might emit a light quantum at the instant of 
their union; in this way a perfectly stable molecule could result, since the 
internal energy of the molecule could be made less than that required for 
its dissociation. Or, without actually leaving the molecule, the excess 
energy might linger in a relatively harmless form, either as rotational 
energy, or as energy of electronic excitation; in these cases, although the 
molecule would be theoretically capable of those radiationless quantum 
jumps from a state in the discrete spectrum to one in the continuum with 
which we shall be concerned in Chapter V, it would probably have a very 
long expectation of life. In the following paragraphs these possibilities 
will be separately considered. 

3.22. Formation of a Molecule with Emission of Light. —This 
process is the reverse of the dissociation of a molecule by absorption 
of light. The latter process is well known in photochemistry; it is re¬ 
sponsible for continuous regions in the absorption spectra of molecules. 
Its mechanism has been discussed by Franck, 8 by Condon, 4 and by Hund, 5 . 
and it has been studied experimentally by a great number of workers, 6 so 
that, at least for our present rather practical purposes, it may be con - k 
sidered well understood. We know that for such compounds as the 
alkali halides a dissociation into normal atoms as a primary photochemical 
process is possible; while for the halogens themselves the products of 
dissociation of the normal molecule are never two normal atoms, but 
always one normal and one excited atom. We also believe, although the 
evidence is less convincing, that for such molecules as hydrogen, nitrogen 
and nitric oxide the primary process is much less apt to include dissocia- 

8 Franck, Trans. Faraday Soc., 21: S36 (1925). 

4 Condon, Proc. Natl. Acad. Sci. , 13 : 462 (1927). 

5 Hund, Z. Physik, 40 : 742 (1927). 

6 references will be found in G. B. Kistiakowsky, “Photochemical Proc¬ 
esses, New York, Chemical Catalog Co., Inc., pp. 22-34. 
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tion of any kind. It is most convenient to treat the rate of dissociation 
into atoms, and then arrive at the rate of recombination by the use of the 
Principle of Microscopic Reversibility and the knowledge of the equi¬ 
librium constant of the dissociation. Even in this process we encounter 
difficulties; it is very easy to calculate the maximum rate of dissociation 
by absorption of radiation which we would expect from any single 
quantum state of the molecule; but we actually have to deal with all the 
possible states, since we are considering that the system has attained 
equilibrium. In the Appendix on the Radiation Hypothesis the rate to 
be expected from such processes as these will be considered, and it will 
be found that even under the most favorable circumstances they can 
scarcely be important at pressures above a millimeter, while in most actual 
cases the limit will be very much lower. . 


3.23. Formation of a Molecule with the Heat of Reaction Shared 
between Vibration and Rotation. —The case that the internal energy is 
shared between oscillation and rotation, though probably of no more prac¬ 
tical importance than the preceding one, is of some interest. The problem 
of the dissociation of diatomic molecules by rotation has been considered 
by Oldenberg 7 from the standpoint of the conservation of angular 
momentum. Suppose that the molecule can be represented by a potential 
energy function U(r) of the form shown in Figure 1. This form is 
known to be qualitatively correct for non-polar substances. 8 The kinetic 
energy of the molecule,^ with respect to the center of gravity, may be 
analyzed at any instant into rotational energy, corresponding to the com¬ 
ponent of velocity perpendicular to the line of centers of the two atoms 
and oscillational energy, corresponding to the component parallel to this 
hne. The rotational energy is of course where fi is the reduced 

mass and ft) the angular velocity. The angular momentum is given by 


p = poor 2 


0 ) 


and this is a constant for the motion. Hence the rotational energy can be 
written as p-/2fir>, m which form we see that it is a function of r only 
for any given motion. It is thus possible to include the rotational energy 

tL h ?s P H°nn ntl f energy i the pseud °P° tenti al energy curves that result whS 
this is done also are shown in Figure 1. That this treatment is actually 
permissible is shown dearly by a consideration of the wave equation? 

56 : 563 < 1929 >; Pillars and Condon, Phys. Rev., 35:1028 

Hill Bo^k Co^Inc.^ 163. M ' M ° rSe ’ “ Quantum Mechanics," New York, McGraw- 

Hill E iook C°o nd Tnc and p P b M 'A MO sTml^ tU ®A^ eC K hanic 4” New York > McGraw- 
schweig, Friedr. Vieweg & SoH ^°^® erfeld > Atombau Erganzungsband," Braun- 
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The negative of the derivative with respect to r of this function gives the 
force along the line of centers, so that a trough in the curve corresponds 
to the possibility of a stable state. It is apparent from the figure that there 
is a largest value which p can have for a stable motion; this value, how¬ 
ever, corresponds to an energy considerably greater than the energy of 
dissociation. Now, from the viewpoint of the classical mechanics, mole¬ 
cules rotating with a value of p less than this limiting one will be per- 



Figure 1. 

Potential energy curves for rotating molecules. The energy is here plotted against 
the nuclear separation for a typical non-polar molecule. The lowest curve represents 
the true potential energy of the non-rotating molecules, while the others are pseudo¬ 
potential energy curves for the molecule with increasing values of the angular momen¬ 
tum. The second curve represents a state which is perfectly stable, since its minimum 
is below the dissociation energy; the third curve has a very shallow minimum lying 
above the dissociation energy; this is the type of potential curve in which we are 
interested here; the highest curve possesses no minimum at all, and corresponds to an 
angular momentum so large that molecule formation is completely impossible. 


fectly stable, while those with a greater value will be unstable and will 
immediately dissociate. Two atoms approaching with a value of p which 
corresponds to a stable molecule will nevertheless be unable to form one; 
for if their velocity of approach is small they will be reflected from the 
right hand side of the hump shown in Figure 1 and never form a mole¬ 
cule at all; while if their kinetic energy is greater, so that they succeed 
in crossing the hump, they will be reflected from the wall at the extreme 
left of Figure 1 and will again cross the hump, so that the molecule 
formed will have but a transient existence. The conclusions of the old 
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quantum theory with respect to the formation and dissociation of the 
molecule would have been very similar to these. But according to the 
quantum mechanics it will usually be possible for a system to make a 
radiationless quantum jump from one state to another of the same energy. 
This would permit molecules with sufficient energy to dissociate to do so 
occasionally, and it would permit atoms approaching with a small enough 
relative angular momentum to form a molecule. Since the probability 
of a transition of this type is ordinarily very small, the actual rate of a 
reaction occurring in this way would be very small also, and under most 
circumstances a much faster reaction will result from three body col¬ 
lisions or from catalysis by the walls. 


3.231. It has frequently been supposed that there is still a further 
cause operating to reduce the rate of a reaction occurring in this way. 
It was thought that the quantization of rotation would permit only cer¬ 
tain discrete values of the angular momentum, and that for other values 
a stable molecule could not be formed. It has recently been pointed out 
by Beutler and Rabinowitsch, 10 however, that the quantum mechanical 
uncertainty principle 11 makes it impossible to assign a precise value to the 
angular momentum and this lack of precision is always great enough to 
include at least one rotational quantum state. 

It is easy to see that this type of reaction will only occur at collisions 
in which the two atoms do not approach too closely. The rotational 
energy, as we have shown, may be represented throughout the motion by 
V* * this quantity must be greater after the reaction than before, and 
therefore r, the distance between the centers of the two atoms, must be 
greater before the reaction than afterwards. This is pointed out also 
by Beutler and Rabinowitsch. 


. The reaction will be able to occur at a finite fraction of all the col- 
lsions because the vibrational levels in this region have a finite width; 
the effective width As of any level is connected with the mean life in 
that level, t, by the relation zAs = h. Hence if the mean life of some 

15 -M V ’ fr, r I s the fre< l uenc y of vibration of that state, 
the width of the level to the distance between levels is given by 


Ae_ 1 

hv~ g 


• f’ T®* ° f t , he molecules for med will decompose again 
before their next collision; the fraction of them which is stabilized will 
be proportional to the pressure, and it will be most convenient to con- 

i"p n S‘ \?m y $z7) hem -' 8B:231 (193()) - 
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sider the reaction trimolecular. At high enough pressures, such that 
g/v is large compared to the mean free time, almost all of the quasi¬ 
molecules formed in this way will be stabilized by collision, and under 
these circumstances we should probably be justified in considering the 
reaction as bimolecular. There is very little reason to believe that the 
actual recombination rate would be second order under these conditions, 
however, since most of the reaction would probably take place at triple 
collisions without any intermediate formation of a quasi-molecule. It may 
thus be expected that a process of this kind will never be of importance 
for reaction kinetics of the classical kind. It may prove possible, how¬ 
ever, by experiments made in discharge tubes, to study such processes, 
and for that reason it is worth while to give them some consideration. 

The mechanism which we have been discussing is only available for 
the formation of homopolar bonds; for polar bonds the potential energy 
does not increase so rapidly with the distance, and as a result the inclu¬ 
sion of the rotational term does not result in a maximum for the pseudo¬ 
potential energy. 


3.24. Formation of a Molecule with the Heat of Reaction Shared 
between Vibration and Electronic Excitation. —The third case we 
have to consider is that an electronically excited molecule is formed. It 
is well known that some molecules are able to hold as electronic energy 
several times their dissociation energy; such a state may not be stable, 
since dissociation by a radiationless quantum jump is possible, but it may 
well be that the probability of emission of the energy as radiation is far 
greater than that of dissociation, so that most of the excited molecules 
formed will safely reach the normal state. Here again the rate to be 
expected is very small; without attempting to make any definite calcula¬ 
tions, it is not easy to show this in general; we will consider as an example 
the case of the formation of bromine molecules from the atoms. The 
lowest excited state of the molecule has a wave number of 16463 cm. 412 
Hence we can easily calculate that at 600° K. the fraction of the molecules 
in this state at equilibrium is 8.30 X 10~ 1S . The rate at which the mole¬ 
cules in this state go over into atoms can hardly be as great as 10 9 seer 1 , 
since a rate this large would modify the character of the spectrum, 18 but 
to be safe we shall assume this value. Then at a temperature of 600° K., 
and a pressure of bromine of one atmosphere, which is produced by 
2.03 'X 10 -5 mole/cc., the rate of formation of atomic bromine by the 
dissociation of molecules in this excited state will be at most 3.37 X 10“ 12 
mole/cc./sec. The concentration of bromine atoms is calculated from the 


12 “International Critical Tables,” V: 411. 

13 Bonhoelfer and Farkas, Z. physik. Chew., 134:337 (1928); Kronig, Z . Physik. 
50: 360 (1928); Rice, Phys. Rev., 33: 748 (1929). 
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data of DeVries and Rodebush 14 as 4.52 X 10' 11 mole/cc. The rate of 
combination of bromine atoms to give molecules in this excited state must 
be equal to the rate of formation from it, since we are considering an 
equilibrium situation. We can accordingly calculate the reaction rate 
constant for the formation of the excited state from atoms; it is found 
to be at most 1.7 X 10 9 cc. mole" 1 seer 1 ; if reaction occurred at every 
collision the rate would be about 6 X 10 18 cc - mole -1 seer 1 ,, and it is found 
experimentally 15 that at pressures and temperatures similar to the ones 
considered here about one collision in a thousand leads to combination; 
that is, so far as regards its order of magnitude, the rate of combination 
is represented by a second order constant of 6'X 10 10 cc - mole -1 sec. -1 , 
which is 30 times the rate we have calculated as an upper limit for the 
direct formation of excited molecules. It is well established experi¬ 
mentally that in this particular case the reaction occurs at three body 
collisions or, under some circumstances, as a wall reaction. The calcula¬ 
tion might have been made without reference to the actual experimental 
values for the rate of combination, since it would have been possible *to 
calculate a fairly reliable lower limit for the expected three body rate; 
but it has seemed better to use the experimental data. 

3.241. Similar calculations could be made for other substances, and in 
most cases the results would be still more unfavorable, since the energy 
of excitation for bromine is closer to the dissociation energy than is usually 
the case. It will usually be necessary to use only one excited state in the 
calculations, since the equilibrium concentration of the next higher one 
will be quite negligible. 

3.25. We have now completed our discussion of the formation of 
diatomic molecules by the direct collision of two atoms; we have found 
that this type of process cannot easily occur, and that it will not be ex¬ 
pected to have an appreciable influence on the rate of reaction except at 
quite low pressures; this limit is certainly well below a millimeter in all 
cases, and we may expect that it will usually be several powers of ten 
lower, thus passing outside the present range of reaction rate measure¬ 
ments. 

3.3. Bimolecular Associations Which Form Polyatomic Mole¬ 
cules.— For this case we have all the possibilities which existed when a 
diatomic molecule was being formed, and in addition the chance that the 
excess energy may be divided among a number of vibrational degrees of 

14 DeVries and Rodebush, /. Am. Chem. Soc 49: 656 (1927). 

15 Jost and Jung, Z. physik. Chem., 3B:83 (1929); Jost, ibid., 3B:95 (1929) 
References to earlier work will be found in these articles. See also Section 111 
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freedom. It is only this last mechanism which is of importance, since 
for the others the same type of calculation as was used for diatomic mole¬ 
cules will lead to the same result. It is not known at the present time 
whether bimolecular associations ever take place at a significant rate, but 
it will be shown that at least on general theoretical grounds there is no 
reason to suppose a priori that they do not. It should perhaps be stated 
that the opinions of the author on this subject differ from those of many 
other workers in this field; 10 unfortunately it does not seem possible to 
state the opposing case, since this rests more upon belief than upon objec¬ 
tive evidence. 

It will clarify matters to begin with a consideration of what we ought 
to mean by a bimolecular association reaction. It certainly seems rea¬ 
sonable that this should be the reverse of a unimolecular decomposition. 
It is now quite generally agreed, however, that unimolecular decompo¬ 
sitions must be preceded by an activating collision, and that at sufficiently 
low pressures the rate determining step will be the activation process. 
Likewise bimolecular associations will be followed by deactivating col¬ 
lisions, and these, too, may become rate-determining at low pressure. 
According to this view the essential requirement for a bimolecular associa¬ 
tion is not a process which is kinetically second order, but rather that there 
shall be a real time lag between the formation of an unstable complex at 
a binary collision and its subsequent stabilization at a later collision. We 
must not expect to draw a sharp line between these extremes, since the 
concept of collision is essentially a vague one, but we can hope to discover 
typical examples of each kind. 

The existence of unimolecular decompositions, of course, guarantees 
the occurrence of bimolecular associations, by application of the principle 
of microscopic reversibility to the equilibrium state. Whether by accident 
or not, it is at any rate the case that none of the dozen known unimolecular 
decompositions is, in the ordinary sense, reversible and this argument is 
thus of rather academic interest. There is some reason to believe, how¬ 
ever, that certain hydrocarbon polymerizations are of this type. In any 
case, however, the existence of unimolecular reactions provides definite 
evidence that a complex molecule, with sufficient energy to dissociate, will 
do so only after a time lag which in many cases is of the order of magni¬ 
tude of 10~ 8 sec. This shows that at suitable collisions it will be possible 
to form collision complexes which may then be stabilized at a subsequent 
collision. Our problem is to investigate how often such complexes can be 
formed. 

The restrictions upon this process are the conservation of energy, of 
momentum, and of angular momentum on the one hand and the quantiza- 

1Q For example, Taylor and Emelius, J. Am. Chem , Sac., 53: 562 (1931), 
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tion of rotation and vibration on the other. It is shown, however, by 
the previously mentioned work of Beutler and Rabinowitsch 17 that due 
to the action of the uncertainty principle the conservation of angular 
momentum plays no role. This same principle will probably relax some¬ 
what the other restrictions, but to a lesser extent, which will not be treated 
here. If it is considered that the conservation of momentum is rigorously 
obeyed, the translational energy of the new complex will be exactly fixed; 
there will then be left a definite energy which must be accommodated by 
the vibrational degrees of freedom; our problem, essentially, is to find 
how often this can be done. 

The quantum states of the complex in question are not sharply defined; 
the reason for this is that they are all states which are capable of dissocia¬ 
tion as a spontaneous process, in virtue of their high energy. According 
to basic principles of the quantum mechanics, a state with mean life % will 
have an essential vagueness in energy, AE, satisfying the relation 


iAE = k (2) 

Since the energy levels in question are of finite width, there is a finite 
chance that a random collision will be able to result in formation of a 
complex. The more important question is the actual magnitude of this 
chance. We cannot obtain a definite answer, but it will be shown that it 
is quite possible for this chance to be nearly unity. 

Consider as a model a molecule with s vibrational degrees of freedom 
and with a total vibrational quantum number n ; if each degree of freedom 

l a u erent frequency then the number of different quantum states 
with this same total quantum number will be the number of ways that n 

he ,a “ d “ * b0XeS; ' hiS nUmta °‘ is 


(’til 1 ) 


( 3 ) 

If -» th f e n ° c ° mmensu f ab ility relations between the frequencies this 
wi be the number of different energy levels for the total quantum 
number n. It may be shown 18 that, in spite of a very considerable 
overlapping of energy levels from different total quantum numbers HI 

ri ^ ,T° ldrale -” U ” to ' °‘ differ “ ““Sy levels between 
mh ’’' Where ’ “ frequency of all the 

The significance of this resnlt is best understood by numerical ex- 
^Beutler and Rabinowitsch, Z. physik. Ckcm. 8B-231 now 
from whichTk Sire^wgnmetrt'is 1 ’takenf^ 5 ^’ Am ‘ Chem ' Soc '> 53 i 2143 (1931), 
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amples. The most convenient energy unit is the reciprocal second, that is 
the energy of a quantum with unit frequency, 6.55 X 10~ 27 ergs. Assume 
that the heat of reaction plus the energy of activation is 100,000 cal./mole, 
or 10 15 sec. -1 . Then, if the value of v is taken as 10 14 , which is rather 
larger than is probable, n will be about 10 for the quantum states of in¬ 
terest. If we assume only 6 different frequencies, we will have 3003 
different energy levels between 9.5 and 10.5 X 10 14 sec." 1 ; the mean dis¬ 
tance between energy levels will be 3 X 10 10 sec." 1 . If there are 10 differ¬ 
ent frequencies this distance will be only 10 9 sec." 1 . If we use the more 
likely value, ^ = 15, and keep n = 10, we find a mean spacing of only 
8 X 10 7 sec." 1 . 

The width of the various separate energy levels is of course not known. 
Assuming, however, that the time during which a complex can survive 
is of the same order as the time lags between activation and reaction in 
unimolecular reactions, that is, between 10~° and 10" 7 sec., the width of the 
levels will be between 10 7 and 10 9 sec." 1 . It is thus quite possible that in 
some cases, due to the width of the individual levels, the vibrational energy 
states of the complex in question will form a continuum; then every col¬ 
lision will be energetically capable of forming the complex. In other 
cases only a fraction of all collisions will be capable of producing reaction; 
it seems likely, however, that this fraction will seldom be as low as 0.01. 
It should be clear, of course, that even when there is a continuous range 
of energy values for the high energy states with which we are concerned 
here, the spectrum will be discrete for lower energies, since it is only 
when the total vibrational energy is at least equal to the energy of dissocia¬ 
tion that the levels are of finite width. 

This calculation does not attack at all the problem of the efficiency 
with which complexes are formed when all energetic conditions are satis¬ 
fied. If this efficiency is low, and if the efficiency of association at normal 
triple collisions is high, then the reaction may be expected to have a true 
trimolecular mechanism. In the following chapter it will be seen again, 
from a different standpoint, how hard it is to distinguish clearly between 
a trimolecular step and two successive bimolecular ones. 

3.4. Bimolecular Metatheses Which Involve a Free Atom. —We 
shall consider first that the reaction is exothermic. For reactions of this 
type it has been assumed by Nemst 19 and by Herzfeld 20 that no activation 
is necessary. The reasons for this assumption do not appear to have been 
very clearly stated, but it is easy to see qualitatively what they were. 
When one of the reaction partners was a free atom, it would be able to 
approach the molecule with a suitable orientation and form a direct attach- 

19 Nernst, “Die Grundlagen des neuen Warmesatzes,” p, 133. 

29 Herzfeld, Z.,Elektrochem. f 25: 301 (1919); Amt. Phys ., 59 : 635 (1919). 
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ment, after which the bond that had previously existed would somehow 
dissolve; this case, of course, was contrasted with one in which the 
reaction partners had initially all their valences satisfied, so that there was 
no point of attack for the reaction. 

It has been shown by Beutler and Rabinowitsch 21 that reactions of this 
character can take place at collisions in which the distance of closest 
approach of the undisturbed orbits is several times the kinetic theory 
diameter of the molecules without violating the conditions of conservation 
of energy, momentum and angular momentum. There is of course a 
second condition necessary for reaction to take place with an enhanced 
diameter, namely that the intermolecular forces must be significant at 
these greater distances. This case is to be contrasted with that of endo¬ 
thermic reactions, where a similar analysis shows that when the heat of 
reaction is supplied from translational energy, the reaction cannot take 
place except at collisions of the normal kind. 

The complete theoretical investigation of reactions of even this simple 
type would be quite hopeless. It would be necessary to determine the 
reaction probability for every type of collision and then carry out an 
integration over all types. To specify a collision we would need to give 
the vibrational and rotational quantum numbers of the molecule, the rela¬ 
tive velocity of molecule and atom, the distance of closest approach of 
the undisturbed orbits, and the angle between the relative velocity and 
the axis of rotation. Thus even if the mechanics of a particular collision 
could be treated rigorously, a fivefold integration, by quadratures, would 
be needed to obtain the actual reaction rate. All that can be even attempted 
under present circumstances is to determine whether or not reaction takes 
place at a large fraction of all collisions, and, if not, what types of collision 
are most favorable. The attempts to answer these questions by means of 
quantum mechanics are considered in the following paragraphs. 


3.41. Reaction at Adiabatic Collisions. — Since the rigorous treat¬ 
ment of the problem is so forbiddingly complicated, progress is to be 
made only by daring simplifications. One such attack, certainly the most 
successful yet suggested, is that of London, and Eyring and Polanyi. It 
is assumed that the reaction process is essentially adiabatic; the meaning 
of this term, as it is used in molecular physics, is not that to which the 
chemist is accustomed; an adiabatic process is one in which the motions 
under consideration are made so slowly that the forces opposing them 
arise entirely from static fields. That is, the assumption is made that there 
is no real dynamical problem but only the trivial one of the motion of a 
particle m a potential field. In principle, the potential energy is worked 
out for various spatial configurations of the atoms involved; some of these 
21 Beutler and Rabinowitsch, Z. physik. Chew.., 8B:231 (1930). 
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configurations represent the system before reaction, some afterwards, 
others the actual collision complex where each atom produces appreciable 
forces on both of the others. Then, in a space of sufficiently many dimen¬ 
sions, the potential is plotted against the parameters which specify the 
configuration; by looking at such a topography, it is very easy to see what 
is the height of the lowest mountain-pass separating the reactants from 
the products. The corresponding energy is considered to give the lowest 
kinetic energy which can result in reaction, and the location of the pass 
to indicate the type of collision; other types will require somewhat higher 
energies, and these also can be determined from the diagram. Even this 
program has not as yet been carried through except in an abbreviated 
form. The details of the method, and the further approximations which 
are made in actual practice will be considered next; discussion of the 
probable validity of the treatment will be deferred until this has been done. 

3.411. The Method of London. —The original application of this 
method is due to London. 22 His treatment is restricted to the case of three 
univalent atoms, whose compounds have electron pair bonds. London 
showed how to extend the previous treatment of the homopolar bond 
given by Heitler and London 23 to calculate from quantum mechanical 
principles the requisite potential function for the three atoms. The calcu¬ 
lation is carried out in the first approximation; that is, the atoms are 
treated as rigid, so that polarization is neglected, and its contribution to 
the energy is thus omitted; this means that the actual potential will differ 
by a considerable amount from the calculated one. 

The presentation which is given here does not follow exactly that of 
London; this is partly because London has never published a really full 
account, and partly in an effort to arrive at a method which will be clearer 
to the chemical reader; it must be supposed, of course, that even he has 
some knowledge of quantum mechanics. 

Consider first the interaction of two hydrogen-like atoms, in their 
normal states. Let the eigenfunctions of the undisturbed atoms be yj(x) 
and cp(y) ; the single symbols x and y each represent three spatial co¬ 
ordinates. The eigenfunction for the system of two atoms, neglecting 
interaction, may then be written as either yj(x)(p(y) or ip(y)(p(x), since 
either electron may be associated with either atom. Any arbitrary linear 
combination of these two, after normalization, may then be taken as the 
zero th approximation to the true eigenfunction; the corresponding eigen¬ 
value is simply the sum of the eigenvalues for the two separate atoms. 

22 London, “Sommerfeld Festband,” 1928, p. 104. 

23 Heitler and London, Z. Physik, 44 : 455 (1927); London, ibid., 46:455; 50:24 
(1928). 
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The perturbation theory of Schrodinger M may now be applied to obtain 
the correct eigenfunctions and eigenvalues. The perturbation energy con¬ 
sists of four terms, which give the static interaction between the two 
electrons, between the two atom-cores, between the first electron and the 
second atom-core, and between the second electron and the first atom- 
core; we represent this expression by V. The secular equation for the 
perturbation energy is 


where 


Wn-E Wiz 

W 2 i W22-E 


= 0 


W X1 = JV 22 = jy?(x)cp 2 (y) * V-dxdy = A 
W 12 = W 21 = J >)<P(y) * V'dxdy = a 


(4) 

(5) 


the secular equation is very easily solved in this case to give the first order 
perturbation energy; the two solutions are 


E = A± a ( 6 ) 

The upper sign corresponds to molecule formation, the lower one to 
repulsion. 

. The treatment of the interaction of three hydrogenic atoms is formally 
quite similar to the foregoing. Suppose that the eigenfunctions for the 
states are <P(y) and %(z). One first works out the three 

different two-atom problems; in this way the following six integrals are 
obtained. 


j ^{x)cp\y)-V^-dxdy = A 
f <P*(y) t O) ■ K x ■ dydz = B 
f 1 0) V 2 0)-fV dzdx —C 

* V^-dxdy = a 

f 9 °(y)x(y)<p(e)x(2) ' V 9X * dydz = ft 
f X(z)v(z)x(*)<p(x) ' V^ • dzdx — y 


The subscripts on V indicate which pair of atoms is involved. 

«jSchrodinger, Ann. Physik, 80: 437 (1926) ; ?..j <■ *. , 

M U r P* Condon and P. M. Morse | -. "*■ . 

McGraw-Hill Book Co., Inc., p. 116, 137. .. . 


Erganzungs- 
New York, 
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The perturbation theory is then applied just as before. The zeroth 
order eigenfunction is now a linear combination of the following six 
eigenfunctions: 

s 7 ! = v>(*)<p(y)x( 2 ) s 7 * = v(*)<p(*)x(y)) 

v 2 = y>()Ov(s)x(*) Ys = v(*)<p(y)x(*)\ ( 8 ) 

\ = V>(z)<p(x)x(y) 'P e = y)(y)(p(x)x(z)} 


The secular equation is 


Wn- 

E W 21 

Wu 

Wu 

Wu 

Wu 

W* 

W 22 -E 

Wu 

W i2 

Wu 

Wu 

w ia 

W 23 

Was — E 

W iB 

Wu 

W es 

Wu 

Wu 

w ai 

Wu — E 

Wu 

Wu 

Wu 

Wu 

W SB 

Wu 

Wu- 

-E W aB 

Wu 

where 

Wu 

Wu 

Wu 

W B a 

Wu — E 


Wii = J Wi x FjVdxdydz, (i, j = 1 ... 6) (10) 

By direct substitution it is found that these 36 integrals involve only five 
different ones; these are 

Wu = Wu = W SB = Wu = IV 65 = W 6e =f y 2 (*)<p 2 (y)z 2 (z) Vdxdydz 
Wu = W 1B = W n = W 2S = W al = W„ = W iB = W ia = Wu = W sa = 

Wu = Wes = J* y(x)x(x)y)(y)<p(y)<p(z)x(z)Vdxdyd 2 

Wu, = H 7 *. = 1F S5 = = 1F 62 = 

J y} 2 (x)cp(y)x(y)cp( z )x( s )Vdxdydz 

Wtt = Wu = Wse = W* = Wt 1 = IFea = 

J' y(x)x(x)cp 2 (.y)y>(z)x(. 2 )Vdxdydz 

W 1B = Wu — Wu= W ia - W B2 = Wei = 

J' yj(x)<p(x)y(y)<p(y)x 2 (z)Fdxdydz 

These five integrals, in turn, are simply expressed in terms of the set (7). 
To make this reduction, note that the perturbation energy for this problem 
is simply the sum of the three perturbation energies for the three two-atom 
problems. We have therefore 
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W u = J* y> 2 {x)(p 2 {y)ti z ) Vdxdyds 

= J" ip 2 (x)(p s (y) Vj, f dxdy ^ % 2 {z)ds 

+ J W z (^)x‘^) v x^xdz- f <p 2 (y)dy 

+ f^Cy)* 2 ^)* 7 ^^- / yj 2 ($)dx 

-d + B + C-S ( 12 ) 


since, as a result of normalization, the second integral in each term is 
equal to unity; likewise 


Wi 2 = J ip(x)xMv(y)<p(y)V^dxdy J <p{z)x(z)dz 

~f" etc • 

= 0 


(13) 


because here the second integral in each term is nearly zero, the different 
eigenfunctions being almost orthogonal. 25 By the same method it is found 

thit 1 !■> IJIUJ 


w ti =p 

Wu = y 
Wus — a 


(14) 


With these values the secular equation (9) becomes 


S-E 0 

0 S-E 
0 0 

fS y 

y a 

a p 


0 P 

0 y 

S — E a 

a S — E 

P 0 

y 0 


y a 

a p 

p y 

0 0 

S-E 0 

0 S-E 


=0 (15) 


To simplify this determinant add column 1 to 4, 2 to 5, 3 to 6; then sub¬ 
tract row 4 from 1, 5 from 2, 6 from 3; the result is 


~E 

-P —y 

— a 

0 

0 

0 


— y 

S-E 

— a 

0 

0 

0 


— a 

fi 

~P 

r 

S — E — y 
a 

0 

S-E + p 

0 

Y 

0 

a 

= 0 (16) 
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a 
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a 

p 

Y 

a 

P s 

— E + Y 



25 This approximation is worse the closer together the atoms are situated; in any 
case it is probably less important than polarization as a source of error. 



BIMOLECULAR REACTIONS 


53 


This equation is now simply factorable, by a well-known theorem about 
determinants. 28 We have then 


and 


S-E — p — y — a 

-y S-E-a —ft 

— a — P S — E — y 

S-E+p y a 

y S-E+a p 

a p S—E+y 



(17) 

(18) 


To treat these, add the second and third columns to the first, then sub¬ 
tract the first row from the second and third. The six roots are found 


to be 


Ex = A-\-B-\-C +a-{-PA-y 
Ei = A -f- B -f- C — a — P — y 

l s \ = A + B + C± vV + p 2 + f - ap — py — ya 


(19) 


The last two of these are double roots. The root E ± corresponds, to repul¬ 
sions between each pair of atoms, and E 2 is excluded by Pauli’s Principle, 
so that only E z and have to be considered. 

These two perturbation energies correspond to the existence of chemi¬ 
cal valence forces. It is easily seen, by a partial differentiation with re¬ 
spect to the distance between two of the atoms, that the force between 
them is dependent upon the position of the third atom. It can further 
be shown that there cannot be chemical attraction between more than one 
pair of the three; it is possible that the polarization forces, which are not 
taken into account here, may lead to the formation of weakly bonded 
triatomic molecules at low temperatures, but these are not considered of 
importance in this treatment. 

The two extreme types of collision are for the third atom to approach 
along the binding line of the other two, and perpendicular to this line. 
Consider first this latter type. Let the third atom, with wave function %> 
approach in the plane given by /? = y. When ft has increased until a = /? 
the original bond will be dissolved, and a new one will form. If the maxi¬ 
mum value of ft is less than a , then reaction is not possible by an adiabatic 
process; the value of a may be decreased by giving the molecule vibra¬ 
tional or rotational energy, and reaction will then become possible; Lon¬ 
don has suggested in another place 27 that this necessary energy may be 
supplied by the same collision as that at which reaction occurs; this is 


26 Thomas Muir, “Theory of Determinants,” London, Macmillan, p. 116. 

27 London, Z. Elektrochem,, 35:552 (1929). 
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undoubtedly true, but when that happens this analysis will hardly be 
applicable. In any case, it appears that the critical energy for collisions 
of this type will be of the order of the valence energy for the original 
molecule. 

Conditions are more favorable when the atom approaches along the 
binding line. The treatment given by London assumes that in this case 
only the resonance effect with the near atom need be considered; that is 
Y is taken as zero throughout the reaction process. The resonance energy 
is then V a 2 + fi 2 — aft and the minimum value of this expression gives 
the height of the potential wall to be surmounted before reaction occurs. 


This minimum occurs where fi = ^; at this place the resonance energy is 



as compared with its original value of a; the difference, 
a = 0.134 a, is the critical energy for this mode of reaction. 


If the maximum value of /S is less than ^ that is, if the binding energy of 

the molecule to be formed is less than half that of the one to be dis¬ 
solved, reaction is not possible in an adiabatic process. For reaction to 
occur, the molecule must be given vibrational or rotational energy, just 
as in the case of collision perpendicular to the binding line. 

London considers that this treatment shows that reaction will take 
place only when collisions are essentially of this second type, since for 
others the critical energy will be much greater. He further suggests that 
the actual critical energy for collisions along the binding line will be 

reduced below — ^r) a by the action of the Coulomb forces, which 
are not taken into account in his treatment. 


. If °" e grants Ae general validity of the method used, the chief objec¬ 
tions which may be raised against London’s method are its very restricted 
range of validity, its assumption that the molecule remains rigid during 

?I/IFT C K 0i re f ting atom ’ and its neglect of Coulomb energy 
and of the interaction between the two most distant atoms. These obiec- 

JkrLZ e / ^ duceds °mewhat the modification of Eyring and Polanyi, 
discussed in the next section. * ^ 


start' 4 from T n e 9L et th° d ° f E y! ng , and P ° la nyi—Eyring and Polanyi « 
start from (19) they accept London’s rather crude treatment of this 

equation as showing that the type of collision which is of importances 
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one in which the free atom approaches along the binding line of the mole¬ 
cule, and they then proceed to investigate this type of collision in a more 
rigorous way than was done by London. They therefore give up Lon¬ 
don’s assumptions that the Coulomb components (A, B, C ) of the binding 
energy are zero, and that the resonance interaction between the most 
distant atoms is also zero. Since the configuration of the three atoms on 
a line may be specified by two distances, they are able, without prohibitive 
labor, to make a complete plot of the energy against the inter-atomic dis¬ 
tances which specify the configuration; for a reaction 

Y + XZ = YX + Z 

the distances chosen are naturally those between X and Z, and between 
X and Y. In Figures 2a and 2b there are shown contour maps for the 
energy surfaces thus obtained. The arrows in these maps represent the 
course taken during reaction and the height of the mountain pass gives 
the critical energy. This is of course the natural way to treat the problem. 

In order to obtain these maps, it is necessary to know the values of 
A 3 j B, C, a, /?, and y. To obtain these quantities by actual evaluation of 
the integrals is a hopeless prospect, even for the simplest atoms, and the 
real contribution of Eyring and Polanyi is to show how this may be 
avoided. Following a suggestion made by Eyring 29 it is first assumed that 
the potential energy curves for a diatomic molecule are accurately given 
by the Morse approximation 80 

e=zD[e- 2k ( r - ro '> — 2e~ k{r - r °)] ( 20 ) 

Of the three parameters which enter into this expression, the dissociation 
energy, D , and the equilibrium distance, r Qi are known with at least fair 
accuracy for most diatomic molecules; the third, k, may be simply calcu¬ 
lated from the anharmonicity constant for the vibrational levels when 
this is known; when it is not, a rough estimate may still be made by means 
of approximate empirical equations. It is thus possible to obtain the 
necessary parameters and plot the potential energy curves for the various 
diatomic molecules involved. This amounts to an evaluation of A + a, 

B + ft C* ■+ y. 

Eyring and Polanyi then make the temporary assumption that A, B and 
C are zero; they can then make an approximate plot of the energy surface, 
by (19). Figures 2a and 2b give this surface for the reaction 

h + h 2 = h 2 + h 

In this figure the plateau to the northeast corresponds to the existence of 
three separate atoms all at great distances apart; the long north-and-south 

29 Eyring, Naturwissenschaften, 18: 915 (1930), 

80 Morse, Phys. Rev,, 34:57 (1929), 
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Figure 2c gives the actual calculated potential energy curve for a hydrogen mole¬ 
cule and a hydrogen atom at a great distance away on the binding line. The energy 
is plotted against the interatomic distance for the molecule. The solid curves are 
for the case that the atom is infinitely distant; that with the minimum corresponds 
to the existence of a stable molecule. The dotted lines show, much exaggerated, the 
change produced when the atom is a large, but finite, distance away. 

valley on the west side of the map corresponds to the initial state of the 
system; following the path of the arrows, one goes over a mountain pass, 
in the shaded region, and then enters a second valley, which represents 
the final state. The shaded region is evidently that in which reaction 
occurs. 

It is unfortunate that the approximation used here seems to break 
down rather badly at small distances, leading to the prediction of H d with 
a very compact structure. This comes about in the following way: 

There are, it will be remembered, two possibilities for the resonant 
interaction, the energies being given by 

W=±zVa 2 +p 2 +y 2 -ap — py — ya ( 21 ) 

The two surfaces cross wherever a = p = y and in passing through such 
places it is necessary to change the sign of W to stay on the same sur¬ 
face. Thus, when one atom is very far distant from the molecule, hence 

P = 7 = o, 

W—± |a| (22) 

If the two atoms of the molecule are pushed close together, \a\ decreases 
very rapidly. When a = 0, the two surfaces cross, as shown by the solid 
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curves in Figure 2c. In this case it is not necessary to bother about the 
extra curve, which corresponds to repulsion at usual distances and strong 
attraction at lesser ones. One may feel fairly sure that a more accurate cal¬ 
culation would distort it sufficiently to give repulsion at all distances; in 
any case, it has nothing to do with a hydrogen molecule. When, however, 
the hydrogen atom is taken into account, the situation changes; then /? is 
not equal to y and W can never vanish; as a result, a section of the energy 
surface has the appearance shown by the dotted curves in Figure 2c. The 
energy is not changed by an appreciable amount anywhere, since the atom 
is still too far away to produce an appreciable force. Nevertheless, the 
situation is radically changed, since the molecule is now forced to switch 
over from the repulsive to attractive curve upon compression. It seems 
very improbable that this corresponds to a physical phenomenon. The 
two surfaces cross again on the symmetry-diagonal, at interatomic dis¬ 
tances of 0.55 A. between adjacent atoms. For all distances from the 
free atom to the nearer atom of the molecule within the limits 0.55 A. and 
oo, the two surfaces do not cross, and the maximum potential energy of 
the configuration, as a function of the molecular separation, is less than 
that of three hydrogen atoms. The point where the effect reaches its 
greatest value has not been determined, but for an atom-molecule distance 
of 1.05 A. the maximum potential energy of 0.615 D occurs at a molecular 
separation of 0.50 A. 


The explanation of this situation is undoubtedly that the approximation 
made in the calculations has broken down completely at small distances. 
This is not surprising, but it serves as a very emphatic warning that the 
results of these calculations will have a low accuracy. 

. Incidentally, it may be mentioned that Figure 2a is not as accurate as 
its scale would lead one to expect. The contour lines at 70, 80 and 90 fecal, 
on the south and west sides of the figure are incorrectly drawn; actually 
each of these contours occurs in three separate parts, a closed loop on 
the symmetry axis, and two hairpins, with open ends facing north and 
eas ; there are thus two additional passes, leading into the unreal H z 
region. Also, the height of the main pass is 31.5 fecal, instead of 30.5 fecal, 
as s own by the figure; it occurs at a spacing of (0.90 ± 0.01) A. as 

wHoh 1 * TT 311(1 P ° lanyi in their text £ ive the distance as 0.95* A. 
which is clearly wrong. 

^!i ng , an M >0l r )1 " £Xt COnsider how the zero-point vibration of 
the molecule will alter this result. They assume that the symmetrical 

reaction complex will have also a half quantum of vibrational energy 

J h ?.T Vel '’ be l6SS than that of the ori ginal hydrogen molecule 
and that the difference will be available to use in overcoming^ repulsive 

forces. This is reasonable, though they perhaps overestimate the magni- 
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tude of this difference. Figure 10 of their article gives what purport 
to be comparative potential energy curves for a hydrogen molecule and 
a configuration of three equally spaced atoms; this diagram is, however, 
very inaccurately drawn, since it shows these two curves crossing twice, 
while in fact that for the three atoms is everywhere higher. The curva¬ 
ture of the latter curve, near its minimum, is about 73 per cent that of 
the former, and the zero-point energy is therefore about 85 per cent as 
great. The zero-point energy of a hydrogen molecule is about 6.2 fecal., 
and the amount of this which would be released is only about 1 fecal., 
instead of the full 6 as Eyring and Polanyi supposed. They point out 
that when the Coulomb energy is taken into account the curve for the three 
atoms becomes relatively flatter, but even so it seems doubtful whether 
more than 3 fecal. would be contributed to activation. For reactions which 
do not involve a hydrogen molecule the zero-point energy is too small in 
any case to be of assistance, so that this point is not of importance except 
in special cases. 

Eyring and Polanyi now return to the problem of taking the Coulomb 
energy correctly into account. Here they are evidently uncertain how to 
proceed. The true first order approximations to the Coulomb energy 
and the resonance energy for the hydrogen molecule have been calcu¬ 
lated by Sugiura; 31 logically, perhaps, these should be used, with entire 
neglect of the Morse curve. They do not consider that this would be a 
useful procedure, however, since the dissociation energy of hydrogen as 
calculated by Sugiura is only about 70 fecal. They therefore adopt a 
method which is essentially equivalent to subtracting the Sugiura Coulomb 
energy from the empirical Morse equation to obtain the resonance energy. 
In this way they obtain a value of about 19 fecal, for the height of the 
pass; they then diminish this by 6 fecal, as a correction for the zero-point 
energy, obtaining thus a predicted critical energy of 13 fecal, for the re¬ 
action. This is to be compared with an experimental value of the energy 
of activation of 7.25 fecal. 32 The significance of the result is considered 
somewhat in the following section. 

3.413. Critique of the Foregoing Methods.—The first point to be 
considered is the validity of any treatment of the problem as motion in 
a potential field. Eyring and Polanyi discuss at some length the dynamics 
of the collision. They show that by plotting the energy surface on oblique 
axes, with unequal units in the two directions, it is possible to duplicate 
the motion of the atomic system by rolling a ball on the model. They 
are able in this way to tell the relative part played by vibration and trans- 

81 Sugiura, Z. Physik, 45: 484 (1927). 

82 Farkas, Z. physik. Chew 10B.-419 (1930) ; Geib and Harteck, ibid., Bodenstein 
Fest-Band, 849 (1931); set Section 8.41. 



60 KINETICS OF HOMOGENEOUS GAS REACTIONS 


lation in supplying the critical energy. The neglect of rotation in the 
treatment is perhaps not a serious one. One must not lose sight, however, 
of the experimental fact that energy transfers take place between vibra¬ 
tional and translational energy, and to the extent that these are of impor¬ 
tance it would seem that the adiabatic model must break down. 

Of much greater importance is the fact that there is not at present 
any really acceptable method of obtaining the potential energy surfaces. 
When they are based entirely on theoretical calculations, to the first 
approximation, they involve serious errors, as shown by the failure of 
such calculations to give correct potential energy curves for diatomic 
molecules; to carry the calculations beyond the first approximation is 
entirely impracticable. When they are based on empirical curves it is 
doubtful whether the situation is much better; it would be bad enough if 
the energy of a diatomic molecule were given by Coulomb energy plus 
resonance energy plus polarization energy plus other kinds, and each 
kind had its own composition law for the three-atom case; it would then 
be necessary to break the empirical curves up into various parts in some 
arbitrary way; the real situation is worse; the polarization energy for 
the group of three atoms cannot be obtained except by consideration of 
the group as a whole. 


it is probably too early to pass judgment on the method. In the 
author's opinion it may be quite definitely stated that these calculations 
furnish a theoretical interpretation of the fact that reactions involving 
free atoms tend to have low activation energies. It appears doubtful 
whether the calculations can be relied upon to give the energy of activation 
m any special rase with an accuracy better than 10 Jfecal., but this point 
will be more definitely settled when the method has been applied to suffi- 
cient cases. 

be m ade also of the paper by Franck and Rabino- 
witsch, in which London s idea is critically discussed, and an alternative 
concept of a radiationless transition proposed; Eyring and Polanyi point 

’ 1 ^ on * lderabIe jus tlce > that any attempt to carry out this proposal 
would lead back essentially to the adiabatic mechanism. It must be 
admitted that although this concept has many faults, and the methods 

£ sszr h “ ^ more ' di5 


3.5. Bimolecular Metatheses Which Do Not Involve a Free Atom 

£££ £^ r 

be® supposed that act,vatic was required. Before the advent of the 
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new quantum mechanics, the necessity for activation was accepted as a 
fact, and attention was concentrated on the mechanism of activation. It 
has been believed for some time that for all of the true second order gas 
reactions the rate could be calculated within a factor of five or so by 
multiplying the number of collisions between reactant molecules with the 
simple exponential factor e~ B I RT , where E is the energy of activation for 
the reaction, defined in accordance with (II, 26) as 

E = RT*(d1nk/dT) — %RT (23) 

This simple expression for the rate has been exactly derived by the use 
of various mechanisms for the reaction. Thus, if it is assumed that 
reaction occurs at every collision for which one of the reactant molecules 
possesses vibrational energy of E or more in some special degree of free¬ 
dom, the application of the Maxwell-Boltzmann distribution law gives at 
once the desired result. Alternatively, it may be supposed that there are 
several such conditions which must be separately fulfilled, and that reac¬ 
tion will occur at all collisions for which specified degrees of freedom 
have energies in excess of E x , E 2 , . . . E n ; then if E x + Ez + * • • + 
E n = E , the same result as before will be found; the usual form in which 
this variation is stated is that one molecule must have energy of E x or 
more, the other of E z or more, it being more or less definitely implied that 
particular degrees of freedom in the molecules are meant. 

It may equally well be assumed that the internal energy of the mole¬ 
cules is of no importance, and that the sole condition for reaction is that 
the collision shall take place with sufficient violence. The simple theory 
of this type imposes the condition for reaction that the relative velocity 
parallel to the line of centers at the instant of collision must exceed some 
critical value V. It is shown in Chapter II that the fraction of all col¬ 
lisions for which this condition is fulfilled is 

e -fiVV2kT 

where ju is the reduced mass. Thus the rate of the reaction is again given 
as a simple exponential multiplied into the collision number. It is worth 
while to inquire how much energy can be used for purposes of activation 
in a collision of this type. If we transform to axes moving with the 
center of gravity of the two molecules we will find that at the instant of 
collision the two molecules are at rest, and their entire kinetic energy with 
respect to an observer in this coordinate system is available. But the 
masses and velocities along the line of centers of the two molecules are 
related by the equations 

= 0 

v x ~~-v 2 =V 

l/nh + 1 /nh = 1 /n 


( 24 ) 
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and hence it is easy to show that 

j /2Miv i 3 + yinioVn 2 = (25) 

In other words, the rate of the reaction can again be written in the form 

Z e -e/kT 


where Z is the number of collisions, and we now mean by e the energy 
which must be made available by the relative velocity of the two molecules 
along their line of centers. 

3.51. Before these mechanisms can be seriously considered, it is neces¬ 
sary to show that the activated molecules may actually be produced fast 
enough. It seems that this is certainly true when the reaction is between 
previously activated molecules. The most unfavorable case is that which 
arises when one of the molecules supplies the entire energy of activation. 
In order to find the rate at which activated molecules are produced by 
collisions we shall find it convenient to consider that the system is at 
equilibrium, and apply the principle of microscopic reversibility. The 
activated molecules have energy far above the normal, and if we suppose 
that statistical redistribution of the energy occurs at every collision, we 
find that in the overwhelming majority of collisions an activated molecule 
will be destroyed; thus, if we represent each molecule by an energy ex¬ 
pression with two classical squared terms and use (II, 41) we find that 
when the two molecules together have energy of e the chance that either 
one of them will have energy of s 0 or more is 

e 

Now if £ 0 is the critical energy necessary for reaction, the average energy 
of the activated molecules will be e 0 kT and the average energy of all 
the molecules kT , so that the average energy involved in a collision of a 
normal and an activated molecule will be e 0 - \-2kT ; if we suppose that 
there is no interchange between the vibrational energy and either rotation 
and translation, the chance that one of the molecules will emerge from 
the collision with energy of e 0 or more is evidently 

4 kT 
2kT 

which is about 0.1 for any of the known second order reactions at the 
temperatures where they have been measured. When the redistribution 
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of energy if permitted to include translation and rotation, subject to the 
conservation laws, the preceding formula becomes 35 



which for the average case will reduce to 



and the corresponding numerical value is only 0.002. Thus, even if no 
reaction took place, nearly every collision in which an activated molecule 
took part would result in the loss of an activated molecule. Hence the 
rate at which activated molecules are produced, by collisions which involve 
only normal molecules, is but slightly less than the rate at which activated 
molecules participate in collisions. Now remember that we are assuming 
that each collision which involves an activated molecule leads to reaction. 
The rate of loss of activated molecules will not be appreciably increased, 
because very few of them survived a collision even under the hypothetical 
conditions when reaction was suppressed; the rate of production of acti¬ 
vated molecules will be only negligibly affected, since almost all the acti¬ 
vated molecules are formed from normal molecules whose concentration 
will not be disturbed by the reaction; hence the concentration of activated 
molecules will be but slightly affected by the occurrence of the reaction 
and therefore the rate will be correctly enough given by the simple ex¬ 
pression Ze~^ kT , When, as is more probable, the activation energy is 
supplied by both molecules, the reaction will affect the concentration of 
activated molecules to a still smaller extent. 

3.511. When we consider the other case, that the condition for reac¬ 
tion is the occurrence of a collision with relative velocity parallel to the 
line of centers which exceeds some critical value, we again find that in 
most cases the occurrence of the reaction does not affect the concentration 
of high velocity molecules to any appreciable extent. We cannot speak 
of activated molecules in this case, since the relative velocity will depend 
upon both molecules. It will be shown a little later, in Section 3.522, that 
even if the condition for reaction were the less stringent one that only 
the relative velocity, not the relative velocity parallel to the line of centers, 
had to exceed a critical value, the reaction would not be fast enough to 
disturb the distribution law seriously, except when the reaction was be- 

s ® Each molecule contributes three squared terms for its translation, two for its 
rotation, making ten for the two molecules; the conditions that momentum and 
angular momentum be conserved give an ankylosis of six of these, leaving four 
squared terms to participate in the redistribution. 
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tween two molecules of very dissimilar mass. When the condition for 
reaction is the one considered in this Section the effect is much smaller, 
though not always entirely negligible. 


3.52. It is difficult to believe that any of the simple mechanisms dis¬ 
cussed previously can be correct. It seems reasonable that all the various 
forms of energy should be taken into account, 36 and that in addition to 
an energy condition, reaction should depend upon other factors: first a 
steric one, corresponding to the introduction of a target area, and second 
a kind of quantum mechanical transition frequency. For the collision of 
two diatomic molecules, there are at most twelve squared terms in which 
we might look to find energy available for activation; four of these come 
from the two vibrational degrees of freedom of the two molecules, four 
from the rotation, and the remaining four from the relative velocity. 87 
We might assume that one condition for reaction is that in these twelve 
terms together there is energy of s or more; we can calculate in what 
fraction of all the collisions this condition is satisfied. It will be seen in 
Chapter V that this fraction is 


fsiGr) + 4i(m’) + • • • + ^ + *] e ' e/kT ( 2 6) 

Since f°r the conditions under which reaction rates can be measured s/kT 
is about 30, the first term in the bracket is the dominant one, and we will 

e. The measurements of Kneser [Physikal. Zeit 32" 179 flOTlM 
of super-some waves in TO, tmr* w t on the velocity 

SE5KISK 

from «o mSiSlTmZrS '“l* 5 ' " *™«*rred 

fraction of all collisions for which FJies between V and 'v + dPis 
which, upon setting 


gives 


Up/kTy <rlvV*/kT y*dV 
lnV'= e , 


.. , . (1 /kTY e-t/kT ede 
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not make too great an error by neglecting the others, and putting for the 
fraction of collisions in which the energy condition is satisfied 


—( —Y g-e/kT 

Sl\kTj e 


Then if we assume that a constant fraction, a, of these collisions lead to 
reaction, we can write for the rate of reaction 


5! 


aZ 


(/r) 


g-e/kT 


(27) 


where Z is the total number of collisions. The temperature coefficient for 
such a mechanism is 


d In k/dT = 1/2 T + e/kT 2 - 5/T 


(28) 


so that e = e 0 + SkT, where e 0 is the molecular energy of activation. We 
will be interested in comparing the rate for this mechanism with that 
for the simpler ones we have already discussed, for the condition that the 
energy of activation is the same in the two cases. It is apparent that the 

1 / \s 

effect of the large factor 57 which appears in the second case is 

partially compensated by the fact that a larger value of the critical energy 
e must be used; a simple calculation shows that the latter mechanism 
gives rates about 10 4 times as large as the former ones when we take 
a—l. Thus in this case we should adopt a relatively small target area in 
order to get rates of the correct magnitude. The corresponding formulas 
can easily be worked out for other numbers of squared terms in the energy 
function. We never can get into any trouble because the rate of activa¬ 
tion is not fast enough, except in the special case discussed in Section 
3.522. For all other cases, if we have redistribution of energy at each 
collision, the chance for an activated molecule to survive a collision is 
very small, so that its removal by reaction rather than by deactivation 
will not make any difference. When there is reaction not at every col¬ 
lision of activated molecules, but only at a small fraction of the total 
number, the amount by which reaction could deplete the Maxwell-Boltz- 
mann quota of activated molecules becomes still smaller. 


3.521. The role which is to be played by translational energy may 
perhaps be considered a little more closely. It is convenient to consider 
the component parallel to the line of centers and the component perpen¬ 
dicular to this line. Each of these components obeys the distribution law 

dZ/Z = {i/kTe~» Ra / 2kT RdR (29) 
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where dZ/Z is the fraction of all collisions in which the component, R, 
lies between R and R + dR. It has already been shown for the com¬ 
ponent parallel to the line of centers that the maximum energy available 
for purposes of activation will be j4fiR 2 ; this is the maximum because it 
corresponds to the type of collision in which the two atoms come to rest 
in the direction of their line of centers. It may nevertheless be expected 
that in actual collisions the energy made available does not fall too far 
short of this. But when we consider the effect of the component per¬ 
pendicular to the line of centers, we can see that it might be expected to 
be rather small. Experiments with simple rigid bodies show that this 
component will either not change during the collision (spheres) or will 
be largely transformed into rotational energy (rods). The complex struc¬ 
tures which represent molecules are not expected to conform to these 
simple relations, but in the absence of other methods it seems best to 
consider that the effective contribution of translation to the energy of 
activation is not four squared terms but two. 

3.522. Fowler 88 has considered the case that the reaction may occur 
whenever the relative velocity of the two molecules exceeds some critical 
value, V. By taking the probability of reaction when this condition is 
fulfilled as a, he finds, of course, for the rate 

aZ(e/kT -f i)rW 

where e = YifiV 2 , and discovers that for the decomposition of hydrogen 
iodide the value of a is about 1 / 11 . 39 He has then gone on to state that 
values of a of the order of magnitude unity are not allowable, since, be¬ 
cause of the persistence of velocities , 40 a considerable fraction of all 
collisions with relative velocity greater than V involve a molecule whose 
last collision also was of this type. It has been shown , 41 however, that 
this is not always correct, and that when the masses of the reacting mole¬ 
cules are nearly equal not more than one collision in a thousand involves 
a repeating molecule. The essential point in this proof is contained in 
(II) 19), which shows that in the group of all collisions with relative 
velocity at least V the velocities of the centers of gravity of the collision 
complexes are distributed in accordance with the Maxwell Law for mole¬ 
cules of the appropriate mass. The other easily seen fact is also necessary, 
that the great majority of all collisions with relative velocity greater than 
V have relative velocity less than some slightly larger limit, say 1.1 V. 

p. 460*' H ' F ° Wler ’ “ Statistical Mechanics -” Cambridge, Cambridge University Press, 

re SU Us Th *t'sectToL i 3.53 Se a d ndT61. an iUegitimate ^Plification of the experimental 

275‘Vl2 H ' Jea ” S ’ “ Dynain!cal Theory of Gases " New York, Macmillan Co., pp. 260, 

41 Kassel, Phys. Rev., 35:261 (1930). 
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These two facts together show that almost all of the collisions with rela¬ 
tive velocity greater than V are nearly head-on collisions; if the two 
molecules have about the same mass, their velocities with respect to their 
center of gravity will be about the same, and hence in most collisions of 
this kind neither molecule will have a velocity in the gas of more than 
say 0.6 V. It is very unlikely that a molecule with this velocity will at 
its next collision strike another fast molecule, so that the relative velocity 
would have a chance to exceed V . Numerical calculations show that the 
chance of a molecule participating in two successive collisions with relative 
velocity greater than V is surely less than one in a thousand, when the 
masses are equal, for values of V such that jAjuV^/kT ^40. When the 
molecular masses are very unequal the situation is quite different; then 
the relative velocity of the collision, in most cases, will be nearly the same 
as the velocity of the light molecule; the transfer of kinetic energy at the 
collision will necessarily be small, and it is to be expected that, if reaction 
does not occur, the light molecule will leave the collision still with a very 
high velocity, so that if it next strikes another of the heavy molecules the 
relative velocity will again probably exceed V. This effect would be of 
particular importance when the concentration of the light molecules is 
much less than that of the heavy ones; we should expect to find consider¬ 
able variation in the calculated second order rate constants for a reaction 
between molecules of very different masses proceeding in accordance with 
this mechanism. The only second order reaction of this type is the for¬ 
mation of hydrogen iodide from the elements; there is no evidence that 
such an effect occurs for it. 


3.523. We have seen that the estimate of four effective squared terms 
due to translation is perhaps too high. It seems possible that for rotation 
and vibration also we have used too many. Rotational energy might be 
expected to be fully available only when certain phase relations were satis¬ 
fied, and the vibrational frequencies for most molecules in which we shall 
be interested are high enough so that their effectiveness may be con¬ 
siderably reduced. It seems likely that a better representation might be 
obtained by using from four to six squared terms for the internal energy 
contribution, giving a total of six or eight squared terms. Introducing 
explicitly a constant yield factor a for the collisions in which the energy of 
these terms exceeds s , we obtain for the reaction rate 


in the first case, and 


in the second, lower powers of s/kT having been neglected in both cases. 



( 30 ) 

h aZ (if)' e "'" 

( 31 ) 
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3.53. Finally, we shall need to consider the possibility that the chance 
of reaction at a collision is a function of the available energy e, such a 
possibility has been recognized for some time, and has been definitely 
considered by Fowler / 2 who has proposed possible functional forms for 
the dependence, but without reaching any definite conclusions. The forms 
given by Fowler have represented fairly mild dependence of reaction 
probability on the energy, and have thus led to results not greatly different 
from those based on a constant probability, Kassel 43 has shown that the 
best experimental results fit the simple Arrhenius equation only to a first 
approximation, and that the energy of activation, as defined by (23), is 
not a constant, but a linear function of T } within the accuracy of the 
measurements, increasing with T. It is clear that such an increase can be 
obtained by a suitable choice of the reaction probability. Kassel has made 
such a choice and thus succeeded in a purely empirical way in representing 
the experimental results. There is practically nothing in the way of 
theoretical guidance for such a choice; we expect that there should be a 
critical energy below which reaction will not occur at all, and that the 
reaction probability will increase as the energy increases beyond this limit ; 
then, for very large energies, the probability might either become sensibly 
constant, or decrease again. It will be supposed here that it remains 
constant. The details are given in the following paragraph. 

3.531. We suppose that there are in all 2n squared terms which con¬ 
tribute to the process of activation, so that the number of collisions with 
energy between s and s -f- de is 

< 32 > 

We assume that the chance of reaction at a collision with energy e is 

fO for e <; s 0 

(p(s) = 4 b(e — a 0 )ye n " 1 for (33) 

[l for 

where s, e Q , e ' and b are constants and 

J(s'“fi *)•/&* = 1 (34) 

The exact form of (17) is dictated by mathematical convenience; it is for 
this reason that the physically unimportant factor s n ~ x has been introduced 
into the denominator. The most unsatisfactory feature of this form is the 
abrupt change in the derivative of cp(s) which occurs at s = b'; this is 

42 Fowler, loc. tit. 

43 Kassel, Proc. Natl Acad. Sci. , 16:358 (1930). 
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physically unreal, but it is probably of no greater importance than the 
discrepancies between cp(s) and the correct, unknown, form at other 
energy values also. 

The rate of the reaction may be written 

=r..rmm-- (s - °° y *' nrie 
+rrww^* < 35) 

For small enough values of T the second of these integrals will be neg¬ 
ligible, and the first will not differ appreciably from the integral from s 0 
to oo. Hence a first approximation to the rate, good at low temperatures, 
will be 




iV 2 

The energy of activation, to this approximation, is 

s -’ = (^f-Tr) kT ‘ = ‘- + ^+ 1 


• n)kT 


(36) 

(37) 


This result is in satisfactory agreement with experiment; the theory shows, 
however, that as the temperature increases, (36), and hence (37), be¬ 
come worse and worse approximations. For higher temperatures, it is 
most convenient to determine the rate directly from (35) ; the results 
may then be expressed in terms of the ratio k/k° of the accurate calcula¬ 
tion to the approximate one. This ratio will be very nearly unity for low 
temperatures, and will steadily decrease. Thus for cases where it is 
possible to fit the experimental results by a formula such as (36) it will 
be necessary to show that at the highest temperatures reached in the 
experiments, the ratio k/k° is still nearly unity. Such calculations are 
made in Chapter VIII. 

There is no reason to think that the detailed form of (33) is correct, 
and such validity as these calculations possess arises from the fact that 
the details do not make much difference. If some other form is assumed, 
its disposable constants must be so selected that the energy of activation, 
its rate of increase, and the absolute rate of the reaction will all agree 
with experimental values; when this has been done it will usually be found 
that over the range where the biggest contribution to the integrals is made 
the numerical value of (p will not be greatly changed, and the new form 
will give results not much different from the old, A similar situation 
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arises in, the theory of unimolecular reactions; here many actual calcula¬ 
tions have been made, with integrals similar to those occurring here, and 
the main features of the results are found quite insensitive to the details 
of what corresponds to (33). 

The most important application of the semi-empirical theory given 
here will be the prediction that for at least some second order reactions 
the approximation (36) will fail at temperatures accessible to experiment, 
and this prediction should be independent of the form of (33). This is 
probably the most that can be done at the present time. It is not too much 
to hope that the quantum mechanics will some day suggest the correct 
functional form for (33), and the extension of the experimental results 
to a much wider range of temperature might lead to a more satisfactory 
empirical formulation, but neither of these changes is likely to occur 
soon. Such progress as has been made by the quantum mechanics is dis¬ 
cussed in the following paragraphs; it will be seen that the problem of 
reaction probabilities has scarcely been considered, and that the goal of 
these treatments has been merely the inaccurate Arrhenius equation. 


3,54. London 44 has extended his treatment of the interaction of three 
univalent atoms to that of four such atoms, combined into two diatomic 
molecules. The methods used are similar to those for the simpler prob¬ 
lem. He now finds that even though the reaction in question is exother¬ 
mic, there, will be a large amount of activation required. Because of the 
uncertainties m the treatment and the very limited application of the result 
it has not seemed worth while to reproduce his work here. His treatment 
is not fundamentally a treatment of the collision problem at all, but a dis¬ 
cussion of the results which might be expected to ensue from the slow 

umn°rt h °-l t ?- C t T° m ° leCuleS - His entire attention is thus focussed 
[ ? energy ’ and any effect which th e other forms might 

h FvS Cr i h r p0S f 1 , blhty of excitin £ vibrations, is overlooked. 

y ng has been able to get some results in the special case that the 
four atoms are of only two kinds; he obtains an approximately corrert 
thatY actl Y atl0n for the formation of hydrogen iodide, andYredicts 
ltoms hydr ° gen br ° mide “ d hydr ° gen chloride wil1 he formed byYay of 


hJF'A T ie 7 hat differ ent method of attack has been made bv Vil- 
is the P T Y fundamental principle of this method, just as of London’s 

biht fY gC ° f the quantum mechanics, that i , the poss 

bihty for a mechanical system to change from one' quantum stSTto 

** London, Z. Elektrochem., 35:552 (1929’) 

Villars, /. Am. Chem. Soc 52:1733 (1930). 
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another with the same energy and the same configuration. Villars does 
not attempt, however, to construct potential energy curves for the com¬ 
plete system. Instead, he uses merely the empirical curves for the various 
molecular species involved, together with estimated van der Waals’ forces. 

The method can best be described by giving its actual application to 
the case of the decomposition of hydrogen iodide. The collisions con¬ 
sidered were all one-dimensional (that is, the four atoms were restricted 
to move on a straight line) and for the most part had the orientation 
HI —»HI rather than HI TTY 46 A stage of the collision is selected 
for which the separations H a — I a and I a — H 6 have specified values. It 
is assumed 47 that the nuclear separation will almost always be that corre¬ 
sponding to the extremities of the classical vibration. It is then possible 
to obtain from the potential energy curves the vibrational energy of 
HJa and of the H a Hi which would be formed. Then by trial a separation 
Eh — h is found such that the equation 

V {HJa) + V {Huh) + AH = V(HJHO + V(hh) 

is satisfied, where V(M) is the vibrational energy of the molecule M and 
AH is the heat of reaction. The activation energy for this particular col¬ 
lision is then V(H a h) + V(H^h) ■+ B, where F is the potential energy 
of two hydrogen-iodide molecules in the position in question . 48 The 
smallest values found for the sum V{HJ a ) + V{Hj>h) are about 50,000 
cal.; the value of F is estimated as — 5,000 cal., in a way not entirely clear. 
This gives 45,000 cal. for the energy of activation, a value which is of the 
right order of magnitude. 

The agreement of this value with the experimental data, as regards 
order of magnitude, is probably not accidental. The method does not 
appear to offer the possibility of further development, however; thus if 
the energy of activation is to be correctly calculated it is necessary to con¬ 
sider all collisions which lead to reaction, not merely those of lowest 
energy. The restriction to one-dimensional collisions must be abandoned, 
and the reaction probabilities for collisions of all kinds must be determined 
in some way. Finally the intermolecular forces must be taken into account 
in a more accurate way than has been done. This program is forbiddingly 
difficult. Yet even if it could be carried through, the results would be 
only of an approximate character, since the binding forces of the molecules 
are changed when a second molecule is in the neighborhood. 

40 It is, of course, physically impossible for reaction to occur at a one-dimensional 
collision. 

47 Cf. Condon, Phys. Rev v 28:1182 (1926); 32:858 (1928). The use of the 
Condon principle here can scarcely be considered unobjectionable. 

48 This^ sum should be diminished by the average vibrational energy of two 
hydrogen iodide molecules, a correction which Villars has overlooked; it is probably 
inappreciable numerically. 
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3.6. Eyring 49 has proposed an empirical rule for the calculation of the 
activation energy for bimolecular reactions. If y± is the dissociation 
energy of the strongest bond which is ruptured by the reaction, x x the 
dissociation energy of the strongest bond formed, and Q is the heat of 
reaction, then the energy of activation E is Z/2, where Z is the larger of 
the two quantities y x and x x - Q. It is stated that this rule is in principle 
applicable to reactions of other types also. Eyring has given Table I as 
its justification. 


Table I. Activation energies for bimolecular reactions ( Eyring ). 



Significant 

bond 

Heat of 

.E — Z/2 


Reaction 

reaction 

kcal. 

calc. 

&cal. 

E obs. 
/fecal. 

H* -f- la 

yi—H—H 

2.8 

50 

40 

= 2HI 

— 100 /fecal. 

<5 

<T> 

II 

<4 

O 

CM 

4Ti= O—O 

-130/fecal. 

68.8 

30.6 

29.6 

2C1.0 = 

2C1. + 0, 

yi** Cl—0 
— 52 kcal. 

36.6 

26 

22 

CH.CHO = 

CH. + CO 

yx — C—H 
— 87/fecal. 

2.4 

43.5 

45 

2N.0 = 

2N, + 0, 

3)1 — N—0 
- 110 /fecal. 

34 

55 

55.5 

2NO.= 

2 NO + 0 , 

y* — 0—0 
— 76 &cal. 

13 

38 

32 
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calculated activation energy would be 54 fecal. Eyring 51 therefore pro¬ 
poses to modify his rule as follows: when the reverse reaction is also 
second order, the rule remains as stated; when it is not, the energy of 
activation is simply yi/2, no matter what sort of bonds are formed. With 
this modification the numerical value for the predicted activation energy 
remains as he calculates it; for even if his structure for N0 2 , with an 
O — O bond of 76 fecal. is rejected, the same result can be obtained from 
Mecke’s structure , 52 0 = N — O —, for which the strength of N — O is 
77 fecal. The agreement with experiment is not good, however; for the 
actual energy of activation is 26.5 fecal. rather than the more commonly 
quoted 32 fecal. which Eyring has used. This change in the statement of 
the rule requires a revision of the calculated value for the ozone case also; 
the energy of complete dissociation of 0 3 is 141 /fecal.; if the strength of 
the bond broken is taken as one-third of this, or 47 fecal., the predicted 
activation energy is 24 fecal.; in this case the same result would be obtained 
by the other method if the more recent value of 117 fecal, for the heat 
of dissociation of O l2 was used; there is no longer any doubt that this 
value is right. It must be pointed out also that the kinetics of the ozone 
decomposition are still baffling, and it cannot be certainly accepted as a 
bimolecular reaction. 

Thus there are but three cases to which Eyring’s rule may be applied; 
the results for those three are: formation of hydrogen iodide, calculated, 
50 fecal., observed, 40 fecal.; decomposition of ozone, calculated, 24 fecal., 
observed, 30 fecal.; decomposition of nitrogen dioxide, calculated, 38 fecal., 
observed, 27 fecal. This evidence is too scanty for any definite conclusions 
to be drawn. 

3.7. Summary and Conclusions. —We have seen that the bimolecular 
combination of two atoms may take place in several ways, but that none 
of them can be expected to compete in rate with the process of three body 
collisions, except at extremely low pressures; on the other hand, the 
combination of polyatomic groups may take place in a bimolecular way 
with a high specific rate, since the molecule formed in this way will have 
a great many vibrational degrees of freedom in which the energy may 
be stored. Metatheses which involve a free atom have a great advantage 
over those which do not; the former class are expected to have quite a 
small energy of activation when they are exothermic, and an energy of 
activation but little greater than the heat of reaction when they are 
endothermic; the latter will have a considerably higher energy of activa¬ 
tion in either case; these expectations are based partly upon simple chemi- 

51 Eyring, private communication. 

62 Mecke, Z. physik. Chem., 7B:108 (1930). Schumacher promised experimental 
proof for this structure, but it has not appeared. 
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cal ideas of free valences and bound ones, partly on the application of 
wave mechanics. It has been shown that, if we may assume statistical 
redistribution of energy between molecules at every collision, then we will 
never have to worry about the reaction interfering appreciably with the 
Maxwell-Boltzmann distribution law, except in one very special case, 
which will probably never arise in practice. 



Chapter IV 
Trimolecular Reactions 

4.1. Third Order Reactions. —There are four known third order 
reactions of the classical kind, such that all of the molecules involved 
enter into the chemical equation for the reaction. Each of these is second 
order with respect to nitric oxide and first order with respect to some 
other substance, either oxygen, chlorine, bromine or hydrogen; the reac¬ 
tion with oxygen has a definitely negative temperature coefficient, corre¬ 
sponding to a small and rather variable negative energy of activation of 
a few thousand calories; the chlorine and bromine reactions have tem¬ 
perature coefficients very nearly zero, while the reaction with hydrogen 
has a temperature coefficient of about the normal magnitude. In addition 
to these four reactions there are a number of others which are kinetically 
third order, but in which the third molecule is needed only to remove the 
excess heat of reaction and permit the other two molecules to combine; 
none of the reactions of this kind has been thoroughly studied as yet, 
owing largely to experimental difficulties, but the process is known to 
occur in several cases and suspected in rather more. 

4.2. The Intermediate Compound Theory of Third Order Reac¬ 
tion. —It is possible to account formally for the occurrence of third order 
reactions without the use of any trimolecular process. Thus we have only 
to postulate the existence of an oxide (NO). 2 which is present in small 
quantities and which is responsible for the reactions in question; these 
reactions would then be normal second order processes, and since the con¬ 
centration of (NO)* would be proportional to the square of that of NO, 
if the equilibrium was maintained, the process would appear third order. 
This same scheme can account for the occurrence of a negative tempera¬ 
ture coefficient, since the observed temperature coefficient would be 
compounded of the positive one for the reaction of (NO) 2 with 0 2 and 
the negative one for the equilibrium of NO and (NO) 2 ; the latter of 
these might be numerically larger. This type of theory has been proposed 
by Trautz, 1 who has suggested, however, intermediate compounds such 
as NOs and N0Br 2 . One of the important arguments upon which this 
theory rests is that triple collisions are very rare events, and could not 

1 Trautz, Z. Elektrochem., 22:104 (1916). 
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account for the observed rates. This argument is subject to attack from 
two sides; in the first place, we feel sure today that the intermediate 
compounds in question would have to be formed at triple collisions, so 
that if there were too few triple collisions to account for the rate directly, 
the same difficulty would persist in the intermediate compound theory; 
the second criticism is that the number of triple collisions can be calcu¬ 
lated, and is adequate in all cases. 


4,3. Triple Collisions in a Perfect Gas. —This intermediate com¬ 
pound theory has been rejected entirely by Bodenstein, 2 who has given 
a rough calculation of the number of triple collisions; this calculation is 
based upon the idea that the ratio of the duration of an ordinary collision 
to the duration of an average free path is about equal to the ratio of the 
molecular diameter to the mean free path; at atmospheric pressure this 
ratio is about 1:1000. But the fraction of the total time which a molecule 
spends in making collisions will, of course, be about equal to the fraction of 
the collisions it makes which are triple collisions. The number of triple 
collisions obtained in this way is more than sufficient to account for ob¬ 
served rates.^ A similar result is obtained also by Herzfeld. 3 
. Bodenstein attempts to show that the intermediate compound theory 
is necessarily wrong. He argues that the rate governing step will have 
a normal temperature coefficient, and that to invert this the temperature 
coefficient of the equilibrium would have to be large, giving the assumed 
intermediate compound a large heat of formation, so that it should be 
solable. This argument fails, however, since if the intermediate com- 
p ound is present only m small amount, then the rate governing step 

w£> a a mthe * nT™ * Wry hi ^ s P ecific and therefore 
contradictions. tem P erature ^efficient; the scheme is thus free of 
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It is evident from the principle of microscopic reversibility that on the 
average the molecules will remain within the distance S as long after 
collision as before. Hence the mean duration of all collisions will he 
the mean value of 2 d/R. Using (II, 27) to give the frequency of col¬ 
lisions for various values of R we can easily see that this mean value is 

( 1 ) 

= 6 

where fx is the reduced mass. The reciprocal of this quantity may he 
taken as the chance per unit time that a pair will break up; this contains 
an approximation, since it neglects the behavior of molecules which come 
within the distance d without colliding; since pairs of this kind will on 
the average be of shorter duration than other pairs, the calculated value 
of 1/d will be a little too small. This chance, of course, applies only to 
assemblages of pairs formed by actual collisions, not to any special class 
of pairs with specified configurations. 

We next calculate the concentration of triplets of a specified type, 
which is so chosen that molecules in such a configuration would be ex¬ 
pected to have a chance of reaction. As an example, we shall consider 
that there are three kinds of molecules, which we shall denote by the 
subscripts i, :2 , and 8 , and that the configuration necessary for reaction is 
one in which the molecules of the kinds x and s are within a distance <5 
of a molecule of the kind 2 . Select for consideration some special mole¬ 
cules of the first and second kinds. The chance that they will be within 
the distance <5 of each other is the ratio of the volume 4 ndo 12 2 to the total 
available volume, where Oi :2 is the average diameter of the two kinds of 
molecules. There will then be 



N 12 = N 1 N 2 -4ndo, 2 2 (2) 

pairs of this kind, if the number of molecules per cc. of the two kinds 
are N ± and N 2 . This neglects a van der Waals’ type correction for the 
volume of the molecules, since the system is considered to be reasonably 
dilute. The chance that a molecule of the third kind will be within the 
distance d of the molecule of the second kind, neglecting steric hindrance, 
is 4iV r 3 7t<50 2S 2 and hence the number of triplets present per cc. is 

N u a = NtNMAno^ 2 ) (4no 2 ^)d 2 (3) 

We wish to know the rate at which these triplets are formed; this 
may most easily be obtained by using the principle of microscopic reversi- 
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bility and calculating the rate at which they break up. Since a triplet is 
destroyed by the destruction of either essential pair the chance for this 
destruction per unit time is 


l FkT l FkT 

d <5 y 2njji2s 


and the number of triplets breaking up per cc. per second, which equals 
the number formed, is 


Z = 8V2n%N x N i N z a^o M = ! 8 VkT 


/ 4 =. 


■ + 



( 4 ) 


The number of triple collisions calculated in this way is always much 
greater than the number needed to account for the observed reaction rates, 
if 8 is taken as large as 10' 8 cm. 

This treatment shows, therefore, that the hypothesis of triple collision 
is able to account for the rates of third order reactions. The problem of 
explaining the negative temperature coefficient of the reaction between 
nitric oxide and oxygen is not so easily handled, since the number of triple 
collisions apparently increases slightly with the temperature. Tolman 
suggests that possibly collisions with slight kinetic energy are more likely 
to lead to reaction than those of greater energy. Hinshelwood 5 considers 
that this negative temperature coefficient is due to “the ‘diminished dura¬ 
tion of collisions’ at higher temperatures, which lessens the chance of 
ternary collisions.” No reason for believing that this diminished duration 
is great enough to account for the results is given. 


4.4. Triple Collisions in a Real Gas.—Recently an attempt has been 
made 8 to treat the problem of trimolecular reaction from the standpoint 
of the triple collisions in a real gas. It has, of course, been impossible to 
remove all of the usual assumptions j the intermolecular forces have been 
taken into account, in a fairly correct way, but as a result of this it is 
necessary to make some approximations which are avoided in Tolman’s 
treatment. Nevertheless, the calculations lead in a way that is perfectly 
straightforward, though not very simple, to the possibility of a negative 
temperature coefficient of the order of magnitude observed, and provide 
the possibility of a fairly unambiguous experimental test for the theory. 


4.41. Triple Collisions Versus Intermediate Compounds._When 

we take into account the intermolecular forces we find that the distinc¬ 
tion between triple collisions and intermediate compounds, which was 


_ ' C ; N. Hinshelwood, “Kinetics of Chemical Change in Gaseous Systems,” 
Oxford University Press, Second edition, p. 121 P l 

8 Kassel, I. Phys. Chem., 34:1 777 (1930). 


Oxford, 
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somewhat nebulous even before, cannot now be formulated with any 
approach to precision. In any case, there will be pairs, and perhaps 
larger clusters, which do not have enough energy to dissociate; it does not 
make any real difference whether we call these aggregates molecules or 
not, since whatever we call them we shall find it necessary to know their 
concentration; at low temperatures they may be responsible for the 
majority of the reaction. There are two ways in which we might calcu¬ 
late the concentration of these clusters; if we want the concentration of 
stable pairs, it will be most natural to consider that they are molecules, 
estimate their entropy and free energy, and calculate an ordinary chemical 
equilibrium constant; if, on the other hand, we are not interested in the 
internal kinetic energy of the cluster, but only in its momentary con¬ 
figuration, we can estimate the intermolecular force and calculate by 
statistical mechanics the number of clusters that have a separation less 
than any specified distance. For the purposes of reaction rate calculations 
the latter procedure seems more suitable. The term pair will be defined 
as two molecules whose separation is less than a specified distance; we 
shall speak of transient and of stable pairs, according as they have enough 
energy to dissociate or not. The chief advantage of this method over the 
chemical one is that the critical separation in the definition of a pair may be 
varied to suit the particular reaction in question. Still, by introducing 
an energy of activation when necessary, and by including a term arising 
from pure triple collisions of three previously free molecules, the essential 
features of the theory to be presented could all be reproduced by a theory 
based on intermediate compound formation. 

4.42. Intermolecular Forces in an Imperfect Gas.—Before we 
attempt to say anything further about trimolecular reactions we must 
examine in some detail the process of triple collision in an imperfect 
gas. Our knowledge of the intermolecular forces in an actual gas is based 
mainly upon the equation of state and the phenomenon of viscosity. The 
method used is to design a molecular model which is physically plausible 
and yet simple enough so that the mathematical difficulties are not insuper¬ 
able, and then to work out the kinetic theory expressions for the pressure 
and viscosity of a gas whose molecules are like the model; by comparison 
of the theoretical results with experimental ones it is found whether or 
not the model is suitable and if it is the parameters which occur in it may 
be evaluated. The problems involved in working out the properties of 
these model gases have received much attention, but as yet relatively little 
progress has been made. The most general model which it has been 
possible to treat possesses a symmetrical central field of force 


f(r) = Xr~ n — 


( 5 ) 
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where m > 4, n > m. The latter condition must be satisfied in order for 
the force to be repulsive at small distances, and attractive at larger ones. 
The reason for the former condition will be seen shortly. The present 
state of the problem has been admirably summarized by Lennard-Jones 7 
and the treatment given here is based largely upon his. 

The equation of state is somewhat better suited to the problem of 
determining the attractive part of the field than is viscosity, and it is 
almost as good for the repulsive portion. We shall find it necessary to 
consider its use in some detail. The equation of state, at moderate dilu¬ 
tion, may be represented by 

pV = A v + B v /V + C v /V 2 +. . . (6) 

where A v , B Vj etc., are the first, second, etc., virial coefficients. The theo¬ 
retical expression for spherically symmetric molecules is known to be 8 

P V = NkT {l - ^£ r 2[ e -E(r)/kT _ l]dr | + O ^ (7) 

where E(r ) is the energy of two molecules the distance r apart, and N 
is the number of molecules in the volume V, We see by comparison of 
(6) and (7) that 


A v = NkT B v /A v = v 0 B' (8) 

where v 0 is Loschmidt’s number, 2.70 X 10 19 , and 

B' = 2n r= [ 1 - dr 

This integral cannot usually be evaluated, but in favorable cases it may 
be. A partial integration gives 


Now 


B'=z 



g-E(x) /kTfiy 


— dE/dr = f(r) 

and for the particular field mentioned previously this becomes 

dE . 

- — = _ fir-m 


( 10 ) 

( 11 ) 

( 12 ) 


Univ^tyPrS e p.21^ H ' F ° Wler< " Statistical Mechanics,” Cambridge, Cambridge 
pp. 172 , 213 F ° Wler ’ “ Statistical Mechanics,” Cambridge, Cambridge University Press, 
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We see now why m must be greater than 4; otherwise B f would be in¬ 
finite. The integral (10) with the value (12) has been treated by 
Lennard-Jones, 9 who gives the solution 



II 

~X m — 11 3 /0*— w) 
_fi n — 1 J 

F(y) 

(13) 


F(y)=y* 

00 ) 

Sc r y r > 

(14) 

where 


\ \ / 

r — 1 / 




fi f (n — l)kT 

M m- 1 
_ s.*. T* 

( 1 S'! 


^ (m 

— 1 )kT\ 1 

>n I 


and 





-i 

II 

CO 

4 


!(«-!) 

(16) 

This result is of 

a form suitable for comparison with experiment. 

A plot 


is made of log \B V /A V \ against log T , and another, on transparent paper, 
of log [JF^y) | against log y, for some chosen values of m and n. The 
scale of log jjp(y) | is the same as that of log \B V /A V \, and that of log y 
is ( n — 1 )/(n~m) times that of log T , and increases in the opposite 
direction. Now, if a relative position for the two plots can be found, 
such that their axes are parallel and the curves are in satisfactory agree¬ 
ment, the model may be considered suitable; it is then possible to evaluate 
X and jLi in terms of the parallel displacement (X, Y) of the two curves by 
means of the equations 

logy -f (n — m)/(n — 1) log T = X (17) 

log \B V /A V \ — log \E(y) | = Y (18) 

into which are to be substituted the values of y and F(y) as given by 
(14) and (15). 

It is possible to obtain several still more special cases from this result 
by the loss of some of the constants. In particular, if n is allowed to 
increase beyond bound, and X decreases in an appropriate way, we obtain 
for the model a rigid sphere of diameter a given by 

o = lim WC*-i) (19) 

W = 00 

surrounded by an attractive field. 

' Upon comparison with experiment, it is found that the rigid sphere 
model is not satisfactory; the values of B v /A v for helium and neon possess 
a maximum at high temperatures which this model does not reproduce, 

9 Lennard-Jones, Proc . Roy . Soc. } 106A:463 (1924). 
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and presumably other gases would show the same maximum at still higher 
temperatures. The more general mpdel accounts satisfactorily for the 
observed values; it does not prove possible to determine m and n uniquely, 
since usually several sets of values can be found, all of which are satis¬ 
factory. By the use of viscosity data, and by a study of the forces between 
ions in crystals it is possible to derive some additional information. Thus 
for helium viscosity data require n = 14.6, and the best two sets of values 
( n , ni) for the equation of state data were (11, 6) and (14^, 5). The 
second of these is thus to be considered preferable. Likewise for hydro¬ 
gen we find that (11, 5) is almost uniquely singled out, even though the 
spherical model cannot be correct in this case. But when the attractive 
forces are not quite weak, the theoretical formula used in interpreting the 
viscosity data becomes unsound, and, just as we should expect, the agree¬ 
ment becomes worse. We may then have recourse to crystal data, from 
which we find values of » = 9, 10, or 11 for repulsive forces between 
atoms or ions with neon, argon, krypton or xenon structures. This course 
is not open to us when we are dealing with molecules, or even with atoms 
that do not have a noble gas structure. 

In om r applications we shall be especially concerned in finding the 
position of minimum potential energy and the value of the energy in this 
Pl Slt i 0n ; 11 ls f s y t0 see that > quite aside from any errors arising from 
fee existence of non-central fields, we cannot calculate these quantities 
with any precision from the vinal coefficients alone. Thus the pressure 
data for argon may be represented by pressure 


or by 


« = 9, m = 5, X = 10.10 X 10' 74 , ,u = 162 X lO 45 
n ~ co > w — 5, o = 3.13 'X 10‘ 8 cm., ft = 70.4 X 10~ 4B . 


Tl ,°L' ,ahes 8™ f » ,he posi,io " ° £ “-““a potential energy 

f ° ~ Y 4 X 10 cm -> and for the energy u = -3.534 X 10-“ ergs The 
second se gives n, = 3.13 X 10- cm., u — —18.34 X 10 -15 ergs For 
nitrogen the uncertainty is even larger, and here it cannot be removed bv 

L ^?rT a b data \ ThUS “ ° Ur a PP lications ^ shall expert to 
coefficients only as a guide to the order of magnitude of u. 
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problem is to examine the effect of the intermolecular forces upon the 
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mutual potential energy is —~<p 0 ; we will consider a collision between unlike 
molecules, since this case may easily be reduced to that of like molecules 
whenever this is necessary. We assume that the gas is so dilute and the 
temperature so high that clustering has not yet become important. Now 
consider some collision for which the distance of closest approach is l, 
and the relative velocity at that distance is V. This velocity will neces¬ 
sarily be perpendicular to the line of centers. We can write down expres¬ 
sions for the total energy 

E^y 2f J.V 2 -(p(l) (20) 

and the angular momentum 

P = pVl (21) 

where ft is the reduced mass; both of these quantities are conserved, and 
hence if we calculate back to the configuration some time before the 
collision, when the molecules were separated by a distance x for which 
cp(x) is negligible, the velocity v and its angle $ with the line of centers 
must satisfy the equations 

y 2 juv 2 = y2/iV 2 -(p(i) ( 22 ) 

fivx sin 6 — /uVl (23) 

These equations determine v and 6 in terms of V and l , so that if we can 
calculate how often the constellation (v, 6) will appear we will obtain also 
the frequency of the collisions But since the intermolecular forces 

are negligible at the distance we can use the perfect gas theory; the 
easiest way to do this is to imagine the colliding molecules at the centers 
of spheres such that o 12 , the sum of the radii, is equal to x, Then the 
frequency of the collisions of these spheres with relative velocity between 
v and v + dv, and the angle of the relative velocity and the line of centers 
between 0 and 0 -|- dO is 

dZ = %N-JA 2 x 2 yil{fi/2hT) % e~^^ 2kT v 3 sin 0 cos OdO (24) 

Now there is surely but one pair (v, 0) corresponding to any ( V , l 0 ) 3 and 
this pair has the property that any other pair ( O') such that \0'\ < \0\ 
will correspond to a ( Vl') such that V < l Q . Thus for every v from 0 
to oo there is some 0 o such that for all 0 from 0 to 0 O} the distance of 
closest approach is / 0 . This 6 0 is in fact given by 
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Hence the frequency of the collisions in which we are interested is 

( II /*0O /*#0 

J J sin 6 cos ddOdv 

= 2 iMW^(l+g,) (26) 

The number of collisions is thus increased over the ideal number by a 
factor 

i+fr <27) 

which is identical in form with the Sutherland assumption 10 

° 2 = 0 »( 1 +^) ( 28 ) 

if we put (p 0 /k = C. We shall expect to use values of cp 0 of the order of 
IQ -13 er g S ^ corresponding to a constant C of the order of 1000, several 
times the usual values; the meaning of our equation, however, is quite 
different from that of Sutherland's. 

This result applies only when — <p 0 is negative, so that the intermolecu- 
lar force is attractive. When — cp 0 is positive, the limits of integration for 
v in the equations leading to (26) may no longer be taken as 0 to oo ; the 
lower limit must be V— 2 (p 0 /p and with this limit we find that the num¬ 
ber of collisions differs from the ideal number by a factor 

e<po/kT (29) 

in which, of course, cp 0 is negative; the number of collisions is thus de¬ 
creased. This result for the case of repulsive forces might have been 
more easily obtained by using (31) of the following section with r — l Qf 
together with the theorem of statistical mechanics that the distribution of 
velocities is independent of the potential field; (29) could then have been 
written down at once. But when the field is attractive this treatment 
would fail, since it would include in the collision number the vibrations of 
stable pairs. We expect that in applications to reaction rate problems we 
shall need the form (26), but the possibility that (29) should sometimes 
be used must not be overlooked entirely. 

We must consider to what extent our formula is applicable to an actual 
gas. The weakest point in the derivation is the expression for the num- 

10 J. H. Jeans, “Dynamical Theory of Gases;’ New York, Macmillan Co., p. 284. 
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ber of collisions of the hypothetical spheres; this will surely hold if Ni 
and N& are the number of molecules per cc. which are actually free from 
the field of other molecules, and as long as these numbers are not too 
different from the total number of molecules per cc. the equation will be 
valid. When we have calculated the number of pairs actually present, 
which is our next step, we will be able to return to this point more 
profitably. 

If the molecules are not spherically symmetric, the problem becomes 
more complex; we cannot attack it successfully, and we can only hope 
that some equation like (26) will remain true, where q) 0 has become an 
average potential. 


4.44. The Number of Pairs in an Imperfect Gas.—We shall now 
consider the number of pairs in our gas; we define a pair as a constella¬ 
tion of two molecules within the distance p 0 , and we continue to assume 
spherical symmetry. According to Fowler, 11 when the concentration is 
not too high we may write for the chance of finding molecules a and /? in 
the volume elements dco a and dco whose distance apart is r, 

N a N 0 e- E ^/ kT d(o a dco 0 (30) 

where N a and N p are the numbers of molecules per cc. of the kinds a and 
and E(r) is the potential energy of molecules of these kinds separated 
by the distance r. If we integrate this over a unit volume with respect to 
dco a we will get 

N a N fi erBir>/*Tdo> fi (31) 

and we may write now 

dcop = 4 nr 2 dr (32) 

Then the number of pairs per unit volume for which r ^ p c is given by 

P = 4 nN a N p J P ° e-EW/kT^d r (33) 

We are interested in the temperature coefficient of this quantity; it is 


d InP 
~~dT~ 


/: 


Po e -BM/kT E( r ) 

' kT 2 


r^dr 


/: 


g-E(r)/kTf 2 fir 


(34) 


We shall expect that usually in our applications p 0 will be about equal to 
r 0> the distance at which the potential energy is a minimum. Therefore, 


11 R. H. Fowler, “Statistical Mechanics, ,, Cambridge, Cambridge University Press, 
p. 132. 
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since E (r) increases very rapidly as r becomes less than r 0 , the essential 
contribution to the integrals in (34) will come from a narrow range near 
r 0 , for which E(r) is nearly constant, and, to a first approximation, 

d In P/dT = E(r a )/kT 2 (35) 

Since £(r 0 ) is negative, the number of pairs decreases with an increase 
in temperature, as of course it should. We may also write an accurate 
equation resembling (35), namely 

d\nP/dT = E/kT 2 (36) 

where E is the average potential energy of all the pairs which exist at the 
temperature T. We can see qualitatively what the dependence of E upon 
temperature must be; at low temperatures the molecules seek positions of 
low potential energy, but at relatively high temperatures they pay less 
attention to the potential energy, so that E will increase with T; that is, 
it will be more negative at lower temperatures. This is a conclusion that 
we wish to emphasize; on the basis of the present assumptions it is 
inevitable. We can see further what the order of magnitude of dE/dT 
will be; clearly it must be 3 k/2 since E represents the potential energy in 
three degrees of freedom. But since the corresponding Hamiltonian is 
not even approximately quadratic, this cannot be considered as imposing 
any very definite requirements on dE/dT. 

We shall now investigate the deviations from (33) and (36) which 
may be expected to occur when the concentration becomes too high. The 
number of ternary and higher clusters will then become appreciable, so 
that (31) is invalid, although a similar expression in which E is replaced 
by some suitably defined W will remain true. Without inquiring too 
closely into the transition region, we may be sure that in liquids and in 
very highly, compressed gases, the deviation from (31) and therefore 
from (36) is in the direction of fewer pairs, since we feel sure that at 
high concentrations the distribution is sensibly uniform We see that 
along with this decrease in the number of pairs there will go an increase 
in their average energy, which will thus become closer to zero; as a result 
the temperature coefficient of the number of pairs will be less negative at 
high concentrations, and the deviations from the predictions of (33) will 

hlg , h tem P eratures an <i greatest at low. We can see from 
(33) that the chance for any selected molecule of the kind « to participate 


P a — 4nNp r £ W/‘V(ir 


(37) 
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The conditions for the number of ternary complexes to be negligible may 
be taken as 


P a <l P 8 <. 1 (38) 

This is based upon a neglect of the forces between the two like molecules 
in the ternary complex, but it seems likely that when (38) is satisfied we 
cannot get into any serious trouble. In general we will not possess enough 
information to evaluate the integral in (37), and we may content our¬ 
selves with some such rough approximation as 

P a ^~ P *N erW (39) 

It will be useful at this stage to introduce numerical values. Suppose that 
Np = 10 17 , corresponding to a pressure of the order of 1 mm. at low 
temperatures, p 0 — 3 X 10“ 8 cm., and e~& kT ~ 10 2 ; then P a will be about 
10~ 3 , a value which may be considered small enough. But if were 
increased to 10 19 , P a would be 0.1, and thus no longer small compared to 
unity; we should expect to find under these conditions a number of pairs 
rather less than that given by (33). The value we have used for e~ E/kT 
is one which may easily be exceeded at low temperatures by a gas such as 
nitric oxide. The failure of (33) is thus an event which we may antici¬ 
pate will occur within a region of pressure and temperature for which 
there are reaction rate measurements. Our conclusion that the initial 
failure will be in the direction of too few pairs rests partly upon the 
knowledge that at quite high concentrations the deviation will be in this 
direction; but it is supported by the general idea that the counting of 
ternary complexes as two pairs will give a calculated number which is 
too high. 

4.45. The Number of Ternary Collisions in an Imperfect Gas.— 

With these preliminary calculations taken care of, we are now in a position 
to compute the number of ternary collisions. We will consider first a 
mixture of three gases, a, /?, and y, and calculate the number of collisions 
of a pair consisting of molecules of a and within a distance p 0 with a 
molecule of y ; in this sense a collision is an encounter in which the centers 
of gravity of a/? and of y come within a distance of l 0 or less. Retaining 
our usual assumption of spherical symmetry, we may combine (26) and 
(33) to give the collision frequency 

Z = 8 nN a N p N y l 0 > (1 + ff)/^ r*MWi*dr (40) 
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The temperature coefficient of this frequency is 
, 71 *, v — kT — (p 0 


d In Z/dT-. 


2 T(kT + cp 0 ) 


The value of the first of the two terms is 1/2T for large T, and —1/2 T 
for small T; for intermediate values it lies between these limits; at low 
temperatures it becomes increasingly unimportant compared to the second 
term, but at high enough temperatures it will be dominant. We are really 
more interested in the alternative form of the equation 


dlnZ 


T{(p 0 — hT) 
2 (<p« + kT) 


which gives the slope of the plot of In Z against l/T. The first term will 
increase from — T/2 at high temperatures to T/2 at low; the second term 
also will increase as T decreases, since E becomes steadily more negative. 
Hence the plot of In Z against 1/T will have a minimum value at some 
fairly large T, and will be concave upward everywhere. These conclu¬ 
sions are valid only at great enough dilution. 

If one of the gases, a or /?, is present at a high enough concentration, 
the number of pairs will fall below that given by (33) as we have seen, 

--- and a correspondingly smaller num- 

" ber of triple collisions will be ob- 
tained. Thus if we have a mixture 
of constant concentration, and plot 
^ / In Z against 1/T for it, some point 

/ will be reached at which the number 

/ of pairs ceases to increase as rapidly 

as (33) predicts, and the slope will 
/ thus fall below that given by (42). 

v l/y It is probable that this condition 

--—-—— may always be reached, since it 

Figure 3. should be expected to occur before 

Triple collisions in an imperfect gas. the reduction in temperature has 
. resulted in condensation of the 

pse S . Thus for a mixture of constant concentrations the complete plot of 
In f against 1/T will have the appearance shown in Figure 3. The point 
of inflection, A will move to the right as the concentrations are decreased. 

The portion AB may be very long and nearly a straight line, under suitable 
circumstances. 

. This calculatlon has been basecl upon the assumption that the pair aB 
is a permanent structure, maintaining a steady field in space, and exerting 
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an attractive force on y during a considerable period. This is not strictly 
true, since some of the a/? pairs are of a transient character, and last only 
during the very limited duration of a collision; pairs of this kind will not 
be as effective in producing triple collisions as permanent pairs, but we 
cannot calculate how much less effective they will be. To do so we should 
have to know accurately what the field around a pair is, and then investi¬ 
gate in detail the dynamics of the collision. The correction will be most 
important at the highest temperatures, since there the fraction of the pairs 
which are transient will be greatest, but it is just at these temperatures that 
the quantity to which the correction applies, 1 + cp 0 /kT\ will be closest to 
unity, below which the correction cannot reduce it. Thus we are reason¬ 
ably justified in hoping that this source of error in our equations is no 
more important than others, such as our forced assumption of spherical 
symmetry. 

The collisions of a/? pairs with y will not include all of the triple col¬ 
lisions ; there will also be collisions of ay with and of fiy with a . It is 
clear that not all of these have been counted. Certainly those for which 
the pair ay or fiy is permanent have not been. We accordingly return 
to (33) and separate out from it the number of permanent pairs. The 
condition that a pair, with the momentary separation r, shall be permanent 
in the sense that it cannot dissociate except at a collision and will eventually 
regain the separation r is that 

y 2 juV 2 <—E(r) (43) 

where V is the relative velocity of the two molecules. It is known that 
in a classical system at equilibrium the distribution of velocities is not 
affected by the potential energy; we assume that the binding force of 
the pairs is so weak that quantum restrictions are not important. Then 
the fraction of the pairs with separation r in which (43) is violated is 

(44) 

The number of pairs with separation less than r 0 , permanent in the sense 
of (43) is then evidently 

4nN a N f) JVB(r)/*v|i - [l - ^ 

which may be written 

4nN a Nf, jj" 0 e -EW/kT r 2 dr - J' P ° [ 1 - J r*dr (46) 

The first integral then gives the total number of pairs, the second the 
number of transient pairs, and the difference the number that are perma- 


e E(r)/kT w r (45) 
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nent. The integrand of the second integral is simply the first two terms 
in the expansion of the integrand of the first, and since the remaining 
terms are positive, the difference of the two integrals is necessarily posi¬ 
tive, Furthermore, since the two terms in the sum which are least 
dependent upon T have been removed, the dependence of (46) upon T 
is greater than that of (33). 

To a first approximation, valid at low concentrations, the number of 
triple collisions will be given by adding to (40) the number arising from 
permanent ay and fiy pairs, using expressions similar to (46) for the 
number of these pairs. The resulting expression for Z will not be written 
down; the addition will be relatively greatest at the lowest temperatures, 
dlnZ/d(l/T) will therefore be increased most when 1/T is largest, and 
the effect of the addition will be to preserve and even to increase the 
upward concavity of the plot in Figure 3. There is some uncertainty 
about just what additions should be made to (40); this is largely because 
we have not defined in a precise way what configurations will lead to re¬ 
action; but the general character of the result is clear. The difficulty 
would have been avoided by calculating the rate of destruction of suitable 
ternary complexes, as in Section 4.3. Unfortunately, we do not know what 
energy function to use for ternary complexes, so that this would merely 
postpone the ambiguity a step. 

Another type of correction may be considered. The attracting force 
function of a pair for a third molecule may well depend upon the state 
of the pair; we expect that in the absence of quite specific factors it 
will be greatest when the average separation of the pair is smallest and 
upon following through the details it is seen that this correction also will 
increase the upward concavity, though by a negligible amount. 

u may eaSi l y reduce the fore S oin g results to the special cases in 
which there are fewer than three kinds of molecules. When there are 
on y two kinds we will have to add in only one expression of the type 
22' a ?l whetl there T * onI y one kind there will be no such addition. 

w* ? e n ™ lcaI factors in the equations will be changed also in a 
way which is well known m kinetic theory. 

4.5. The Rate of Trimolecular Reaction.—We have now progressed 
far enough to consider the rate of a simple type of trimolecula? reaction 
uppose that reaction occurs at a constant fraction of all the triple col- 

, .. ^re 3, if the same concentrations are used at all temoera 

k,n S point j wm C not ra oc nS ^ 7 ^ dwayS low enou ^ the inflec- 
The reaction 311(1 ** CUrVC wiU re ™ concave upward. 

, , cton Wljl thus kave a negative temperature coefficient at low 
«o„gh t»p« a , ms . I, is shown in Chapter f x that thi “ 
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accounts for the essential features of the reaction between nitric oxide 
and oxygen. It is found that only about one triple collision out of 10 s 
leads to reaction. The reaction between nitric oxide and hydrogen, on 
the other hand, is clearly of a different type; a large positive energy of 
activation is found, and the reaction takes place at about 1000° K. It is 
somewhat naive, but not unreasonable, to compare the observed reaction 
rate with the simple expression Ze~ B / RT , where Z is the calculated num¬ 
ber of triple collisions and E the energy of activation; at the high tem¬ 
peratures in question the attractive forces between the molecules are of 
slight importance, so that the calculation may be made without knowing 
them. The comparison actually shows an approximate equality, about 
as close as for some cases of second order reactions; the observed rate is 
less than the calculated. 

On the basis of these results, we are in a position to speculate some¬ 
what on the nature of activation in trimolecular processes. We might 
expect that the chance of reaction at a triple collision would be a function 
of the distances apart of the molecules, and it would most naturally in¬ 
crease as these distances decreased. If the chance of reaction did not 
become appreciable until the molecules were very close together, in 
positions of high potential energy, the reaction would have a high tem¬ 
perature coefficient; by analogy with bimolecular reactions we would 
expect that the efficiency of the reaction at collisions of this kind would 
be quite high, being less than one mainly because of a geometrical factor. 
We have next to examine the reaction efficiency at collisions of rather 
lower energy; the efficiency will almost certainly be much decreased, while 
the number of such collisions will be increased. This latter increase will 
be relatively greater the lower the temperature. Then at low enough 
temperatures the increase in number of the lower energy collisions will 
more than compensate for their decreased efficiency, and most of the 
reaction will be due to collisions of low energy; at high enough tem¬ 
peratures, the reaction will involve chiefly collisions of high energy. The 
temperature coefficient will thus tend to increase with the temperature 
for this reason also; it will be left to other factors to decide whether the 
experimental range for any particular reaction falls in the low tempera¬ 
ture coefficient, low collision efficiency or the high temperature coefficient, 
high collision efficiency region. 

No great amount of reliance can be placed upon these latter ideas. 
We are attempting to deal with a very complex phenomenon here, and 
the most that can be hoped for at the present time is a qualitative descrip¬ 
tion of the experimental facts. It would be possible to write down a 
great many multiple integrals in illustration of the ideas involved, but no 
use could be made of them. 

It thus appears that the intermolecular forces must be taken into ac- 
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count in dealing with third order reactions. This may be done either 
physically, by calculating their effect on the rate of triple collision, or 
chemically, by invoking intermediate compounds. No sharp distinction 
between the two methods can be drawn. In any case, the problem is too 
complex to present a complete theory of it at this time. 


4.6. The Trimolecular Recombination of Atoms.—We have seen 
in the preceding chapter that two atoms can only very rarely unite to 
form a molecule without the presence of a third body. When this third 
body is another gas molecule, we have a trimolecular reaction. The theory 
of such processes is in an almost wholly undeveloped state. It has been 
shown by Kallmann and London 12 that when the conditions are favorable 
to resonance the effective target area for such reactions may exceed by 
as much as 100-fold the kinetic theory cross section. It has been shown 
by Rice 18 that in another case Kallmann and London’s method, with its 
neglect of relative translational motion 14 gives values which are too high, 
and it is possible that in this case also the same error enters. The experi¬ 
mental material of this type is very scanty, and certainly does not fur¬ 
nish any indications of an effect this large, although in some cases there is 
evidence for somewhat enhanced diameters. One might expect a nega¬ 
tive temperature coefficient for reactions of this type; there is some evi¬ 
dence for this in experiments on the decay of active nitrogen, though it 
is difficult to be sure of the interpretation for such a complex system. It 
does not seem practicable to attempt further development of the theory 
without more definite experimental guidance than is yet available. 


Rrilmann and London, Z. physik. Chew., 2B: 207 (1929) 

Rl , ce ’ Proc ' Natl ' Acad ' Sci, 17:34 (1931). 
inis neglect was first pointed out by Frenkel, Z. Physik, 58: 794 (1929). 



Chapter V 

Unimolecular Reactions 

5.1. Introduction.—Theoretically, the treatment o£ unimolecular re¬ 
actions should be much simpler than that of bimolecular or trimolecular 
reactions. Actually, however, this has never been true in the past, and 
is not so now. There are various reasons which have been responsible 
for this. The Radiation Hypothesis had been launched with a promise of 
great simplicity, but it became apparent almost immediately that this was 
misleading, and the history of the Radiation Hypothesis, 1 as it may now 
be viewed in retrospect, is seen to be a succession of attempts, by intro¬ 
ducing complexities into the simple theory, to mask its failures. As it 
became more and more apparent that this could not be done, efforts were 
made to revive the idea of activation by collisions, and many calculations 
were made of the rate at which such activation might take place. 2 These 
calculations were for the most part based upon a molecular model with 
but one vibrational degree of freedom, and hence resulted in a failure 
to find sufficient activations. This failure then became the inspiration for 
the theory of chain reactions, particularly in the hands of Christiansen 
and Kramers; this again represented an unfortunate detour, for although 
there are now known to be many chain reactions with some of the charac¬ 
teristics postulated in the early theory, it is certain that the majority 
of the first order reactions which the theory was intended to account for 
do not have a true chain behavior. When it was finally realized that it 
was necessary to consider the many internal degrees of freedom of the 
complex molecules which alone figured in first order reactions, it became 
possible to account for the rates of activation necessary to fit the older 
data. It was just at this time, when the theory might otherwise have 
become quite simple, that experiment led the way into new complexities; 
it was found that many of the first order reactions deviated from the 
high pressure rates when the pressure became low enough, in the way that 
was known to be qualitatively necessary for any unimolecular process 

1 A brief sketch of this Hypothesis and the reasons for its decline is given in the 
Appendix. 

2 Christiansen and Kramers, Z. physik. Chem., 104: 451 (1923) ; G. N. Lewis and 
D. F. Smith, /. Am. Chem. Soc 47:1508 (1925) ; Tolman, /. Am. Chem. Soc ., 
47:1524 (1925). 
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maintained by collisional activations. The theory was thus given the 
chance to make a more detailed comparison with experiment than is 
possible for reactions of higher order; the challenge has been met and 
the comparison made with considerable success, but the theory in its 
amplified form can scarcely be regarded as simple. 


5.2. General Statement of the Theory.—It will be profitable to give 
a brief sketch of the theory to be developed before plunging into the 
details of the development. The basis of the theory is the belief that uni- 
molecular reactions are caused by the spontaneous reaction of molecules 
in higher quantum states. It is certain that these are not electronically 
excited, and while rotation may have some effect, it is considered that it is 
chiefly the vibration of the molecule which is important. The rate of the 
reaction at a pressure so high that collisions are able to maintain the Max- 
well-Boltzmann quota of molecules in all quantum states is then calculated 
by assigning a specific reaction rate to each quantum state and s ummi ng over 
all the states; the main body of the theory will not attempt to predict 
absolute rates, and hence in assigning these specific rates to separate states 
it will be concerned only with relative values; these will be estimated in 
a number of ways, all leading to the result that the specific rates increase 
as the energy of the molecule increases. In order to compute the rate 
of the reaction at some lower pressure, it will be necessary to know how 
the concentration of molecules in the various activated states is affected 
by the occurrence of the reaction. The assumption will be made that at 
every collision of two molecules statistical redistribution of energy occurs; 
it will be shown that if this is so, almost every collision in which an 
activated molecule participates will result in the net loss of one activated 
molecule. The rate at which activated molecules would be destroyed by 
collisions if no reaction occurred and the Maxwell-Boltzmann quota of 
activated molecules was therefore maintained will be calculated; it will 
be assumed that the rate at which activated molecules are produced will 
be equal to this, even when the reaction is occurring, and by an a posteriori 
calculation it will be shown that this assumption is justified. It will then 
be an easy matter to calculate what fraction of the molecules which reach 
an activated state will react, since the specific rates for both reaction and 
deactivation are known; the total rate of the reaction will now be- obtained 
by a summation over all the states which contribute to the reaction In 
presenting the main body of the theory it will be convenient to com¬ 
bine the work of Lindemann, 3 Christiansen, 4 5 Hinshelwood,® Fowler and 


3 Lindemann, Trans. Faraday Soc 17:598 (1922). 

* Christia nsen Pr 0Cm Cambridge Phil. Soc. } 23:438 (1926) 

5 Hmshelwood, Proc. Roy. Soc., 113A: 230 (1926). 
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Rideal, 6 Rice and Ramsperger, 7 Rice 8 and Kassel. 9 This series of papers 
presents the main line of the development. The ideas involved were to a 
considerable extent foreshadowed by earlier work; particular mention 
should be made of a paper by Rodebush. 10 


5.3. The Rate of Reaction, at High Pressure.—Here the high 
quantum states will all be present at their equilibrium concentrations and 
we may therefore start from the equation 




N dt ~ 


2k jp j (T ei 
5 _ 


2pier e '/ kT 

i 


(II, 3) 


which we have used before in considering the temperature coefficient of 
reaction rate. We must now pay particular attention to the quantum 
weights, since the systems which we are going to consider will for the 
most part be highly degenerate. It is evident that the correct use of the 
preceding equation would require complete knowledge of the energy levels 
of the molecule; for the complex molecules which are capable of uni- 
molecular reaction this is not to be hoped for; even if it could be obtained, 
we should next require equally correct values for the specific reaction 
rates k§, which we would surely be unable to get. Hence it must be recog¬ 
nized at the start that it is necessary to deal with a highly simplified model, 
which shall retain only the most essential features of the real molecule. 
This program, of course, has always been followed, but it has not always 
been realized that the most essential feature of all is the large number of 
degrees of freedom. In fact almost any theory which takes this feature 
into account meets with at least a partial success. We shall begin by 
considering two very simple models, consisting of simple harmonic oscilla¬ 
tors coupled to each other by small forces, so that it is possible for energy 
to pass from one to another of them; 11 in the first model the oscillators 
are quantized, and all have the same frequency v; the second model is 
obtained from the first by passing to the limit of zero frequency, so that 
the oscillators become classical. 

For the present we shall consider the first model. Suppose that there 


6 R. H. Fowler and Rideal, Proc. Roy. Soc 113A:570 (1927). 

7 O. K. Rice and Ramsperger, /. Am. Chew. Soc., 49:1617 (1927); 50:617 
(1928). 

8 O. K. Rice, Proc . Natl. Acad. Sci., 14:114, 118 (1928). 

0 Kassel, /. Phys. Chem., 32 : 225, 1065 (1928). 

10 Rodebush, J . Am. Chem. Soc., 45:606 (1923). 

11 It is supposed that the magnitude of the coupling forces is so small that the 
energy of a group of oscillators may be expressed without serious error as a sum 
of squares of their coordinates and momenta; the forces may be small enough to 
satisfy this condition, and still sufficiently great so that the energy will circulate 
among the various oscillators at a considerable rate. 
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are ^ oscillators in the group; then, by (I, 42) we may write for the 
quantum weight of the state of energy jhv 


Pi' 


etn 1 ) 


(i+s- 1)! 


( 1 ) 


1 )! 

Hence the Maxwell-Boltzmann quota of molecules in the state j is given by 

| e-jhv/kT 


N 


N r - 


cut v 




( 2 ) 


\^i hv / kT 

s—l J 

When the Zustandsumne in the denominator is written out term by term 
it is seen to be a simple binomial expansion 


JS (* + s ~ *) e^ kT = 1 + se-W kT + + ^ e- 2hv / kT + . . . 

= (1 — e -hv/hTy, (3) 

and hence 

Nj = N 1 ) (:1 — e- h ”/ kT ) * e -> h ^ hT (4) 

The next step is to decide upon values for the specific rates kj . 12 The 
simplest possible assumption is kj = 0 when j < m, and kj = X when 
j ^ m, where mJiv is the energy necessary to break some bond or other¬ 
wise initiate the reaction. On the basis of this assumption, the rate of 
reaction at high pressure would be given by 


k' 0 =l(l-e-wry2 (7;+* *\ g-ihv/n (5) 

This expression cannot be further simplified. The series is always con¬ 
vergent, since it is obtained by omitting the first m terms of the series 
(3) ; for purposes of numerical calculation it will sometimes be convenient 
to evaluate the sum in (5) by subtracting from (3) those first m terms. 
Actually, however, all the evidence is against such a simple form for 
kj, and we shall make little use of this type of theory. 

In a subsequent section we shall consider quantum mechanical methods 
for the evaluation of kj, but for the present we confine ourselves to 
attempts to guess its value. One such guess, which has proved very useful, 
is based upon the following form of argument. We assume that for 

12 There is a farther implicit assumption which enters at this point, namely that 
all the quantum states of a given energy will react at the same rate. Such an 
assumption is reasonable enough for the model in question, perhaps, but not for 
real molecules. We shall subsequently discuss the very interesting changes produced 
when this assumption is abandoned. 
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reaction to occur it is necessary for some particular degree of freedom 
in the molecule to have at least m quanta. Suppose that the entire mole¬ 
cule has j quanta, where j > m. Now it seems not wholly unreasonable 
to think of the energy as wandering about within the molecule at what we 
may very roughly call a constant rate, so that the mean time during which 
a particular degree of freedom possesses a constant number of quanta is 
independent of what this number may be; this will almost certainly not 
be true for small numbers of quanta, but for the numbers ^ m the 
assumption seems likely to be somewhere near the truth, since in these 
cases a large part of the energy of the entire molecule is held by the one 
oscillator. We can see also that when a degree of freedom already has 
far more than its share of quanta the chance that it will lose energy at 
its next change is nearly unity. It thus appears plausible to assume that 
kj is proportional to the fraction of molecules with j quanta which, at 
equilibrium, would have at least m quanta in a selected degree of freedom, 
the proportionality constant being dependent on the nature of the mole¬ 
cule, but independent of j. This type of argument, in a form but slightly 
different from that presented here, was first used by Rice and Rams- 
perger. 18 The chance that when the s oscillators have j quanta a selected 
one of them will have at least m quanta has been calculated in Chapter II; 
it is 


j\(j — m -f- ^ — 1) ! 
(j — O ! (/ + j — 1) ! 


(IT, 46) 


We may therefore assume 

b — A jKj-m + s- 1 ) ! 

(/-*) !(/ + *-1)1 


( 6 ) 


where A is the proportionality constant. It should be quite clearly under¬ 
stood that (6) is to be regarded as an assumption; the foregoing analysis 
suggests that the assumption is a reasonable one, and we might expect by 
its use to get good results if all our other assumptions were correct, for 
those aspects of the theory which did not depend too greatly on the exact 
form of kj. 

Using (6), we can write for the specific reaction rate at high pressure 


‘ — m s — 1) ! 


k -= A(l ~ , ‘) 

— A( 1 — e -W kT y J // — m + s— 1\ e _ jhv/kT 
i = m\ 1—m ) 

00 / 
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13 O. K. Rice and Ramsperger, J. Am. Chem. Soc ., 49: 1617 (1927). 
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where in the last line we have made the substitution 


p = ] — m (8) 

But by a direct application of the binomial theorem we can see that 

r P — i\ 


n—e-hv/kTy— j; 

P = o\ 
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I e-phv/kT 


(9) 


and hence we have the simple result 

k = Ae~ mhv / kT 

oo 

We shall usually write 

mhv — s 0 


( 10 ) 

( 11 ) 


and we shall call e 0 the critical energy; by this term we mean the least 
energy which makes it possible for a molecule to react. We notice that 
at high pressures, on the basis of this theory, the energy of activation is 
numerically equal to the critical energy; this relation is not true in general 
and we shall need to distinguish carefully between the two quantities. 14 


5.4. The Rate of Production of Activated Molecules.—A gas in 

which a chemical reaction is occurring is necessarily not in an equilibrium 
state, and the application of the distribution laws of statistical me chani cs 
to it must be made with care. It is clear that the occurrence of the reac¬ 
tion will tend to deplete the gas of reactant molecules of high internal 
energy. Since there is no need to consider the influence of radiation in 
maintaining the equilibrium, except under the quite special conditions 
considered in the Appendix, there will be three entries in the balance sheet 
for activated molecules; they will be produced by collisions, and destroyed 
by collisions and by reaction. The first two of these processes are second 
order, while the last of them is first order; at high enough pressures, 
therefore, the last process will be of no importance in maintaining the 
balance, and the occurrence of the reaction will be without significant effect 
on the concentration of activated molecules, which will be present in their 
equilibrium numbers. In order to calculate the concentration of activated 
molecules, at lower pressures we make the assumption that statistical re- 


14 The literature contains definitions of the energy of activation similar to that 
^ er ? critical energy ; m some cases this has produced an actual 
confusion between the two quantities, leading to erroneous results. Both are im¬ 
portant for reaction rate purposes, and a term is needed for each of them. As has 
been pointed out to me by Professor Tolman, it is very desirable to retain for the 
energy of activation a definition similar to that used for energy of reaction and 
similar thermodynamic quantities. 
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distribution of energy occurs at every collision. It is not necessary that 
the “diameter” to be used in calculating the number of these “collisions” 
shall agree with that for any other kinetic process, but it must not be a 
function of the energy of the molecules. 

For the actual energy values which arise in the experimental appli¬ 
cations, this redistribution of energy will almost always result in the 
production of two unactivated molecules. This will be shown by a calcu¬ 
lation in Section 5.6. It will thus be a good approximation to consider 
that the rate of loss of activated molecules through collision will be equal 
to the rate at which activated molecules participate in collisions. Now if 
for the moment the reaction is considered as inhibited the principle of 
microscopic reversibility may be applied to the gas and the discovery made 
that since the collision of an activated molecule always results in the 
production of two unactivated molecules, almost all the activated molecules 
are produced from collisions which involve two normal molecules. But 
it will be shown by an a posteriori calculation that the concentration of 
normal molecules even of quite high energy is not appreciably affected by 
the occurrence of the reaction, and the rate of production of activated 
molecules may therefore be taken to be unaffected by the occurrence of 
the reaction. 

It is now a simple process to calculate the steady state which will be 
maintained, since we have decided upon values for all the relevant rates. 
For activated molecules with j quanta we have a rate of production of 
aNNj , where a is the kinetic theory collision factor 

0 = 44/— o 2 ( 12 ) 

J m v ' 


and Nj is the equilibrium quota of molecules with j quanta, as defined 
by (2) ; the rate at which these molecules are destroyed by collisions is 
aNZj y where Z] is the actual number of such molecules per cc.; the rate at 
which the activated molecules of this kind are removed by reaction is kjZj. 
Hence 


or 


aNNj — aNZj + kjZj 


Zj 


Nj 

1 + kj/aN 


(13) 

(14) 


5.5. The Rate of Reaction at Any Pressure.—The rate of the reac¬ 
tion will be given by 


1 00 

= - 2 kjZj (15) 

4V j = m / 
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Consider first the assumption that k$ is zero for j < m, and is a constant 
1 for j ^ m; upon substituting this value into (IS) and comparing the 
result with (4) and (5) there is found 


X ^ N j k co 

1 + X/aN j t m N ~~ 1 + X/aN 


(16) 


which may be written 



(17) 


This theory thus makes the definite prediction that a plot of l/k against 
l/N (or 1 /p) will be a straight line with a slope proportional to l/Vr. It 
is found that this prediction is not verified. 

The assumption that k§ has the value given in (6) proves more satis¬ 
factory ; it leads to the result 


k/kco “ (1 — e 'hv/kTy £ 
p~ o 


rn 


e -phv/kT 


i + 


A (p -f- m )! (p + -y — 1) 
aN p\{p~\-m-\-s —1) ! 


(18) 


Without making any calculations it may be seen that the dependence of 
the rate upon temperature is quite changed; for, as the temperature is 
increased, the important contribution to the sum is made by terms with 
larger values of p, on account of the factor e ^ h "/ kT ; but the denominator 
increases with p, and therefore k/k ^ will decrease as the temperature 
increases. Upon making numerical calculations it is found that this is a 
considerable effect, and by suitable adjustment of the numerical values 
used it is found possible to bring the theory into quite satisfactory agree¬ 
ment with experiment. The general type of dependence of the rate upon 
pressure and temperature is shown by the curves in Chapter X. 


5.6. Critique of the Theory.—We may now consider whether the 
various approximations we have made in our calculations are justified. 
We will use as an example a case in which the critical energy corresponds 
to 27 quanta, the average energy of the molecules to 4 quanta, and for 
which r = 15. Then the most important activated molecules will have 
about 31 quanta and in most of the collisions which they undergo there 
will be about 35 quanta involved. It is therefore important to consider 
the probability of various distributions of energy between the two mole¬ 
cules after the collision; in doing this we shall neglect the interaction with 
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rotation and translation, which will usually have the effect of removing 
energy, so that the actual probability of having high energy molecules after 
the collision will be less than we calculate. The a priori probability of a 
distribution with one molecule having j quanta, the other 35 — /, is of 
course 

erxv) 

and the chance that either of the molecules will have just j quanta is the 
ratio of this probability to the sum taken from j = 0 to j = 35. The result 
of this calculation is shown in Table II. 


Table II. The Distribution of 35 Quanta between Two Groups 
of 15 Oscillators. 


Distribution 

Chance 

Distribution 

Chance 

18-17 

0.180 

27-8 

0.016 

19-16 

0.171 

28-7 

0.009 

20-15 

0.155 

29-6 

0.004 

21-14 

0.134 

30-5 

0.002 

22-13 

0.110 

31-4 

0.001 

23-12 

0,085 

32-3 

• • « • 

24-11 

0.062 

33-2 

• • • • 

25-10 

0.043 

34-1 

• • * * 

26- 9 

0.027 

35-0 

. . • • 


Thus the chance that there will be an activated molecule after the col¬ 
lision is only 0.033, and the chance that it will have at least 31 quanta is 
only 0.001. Just as 35 quanta collisions are the most important kind for 
the destruction of 31 quanta molecules, so also they are the most impor¬ 
tant for their formation. But, as the table shows, only 0.033 of the 35 
quanta collisions involve activated molecules; therefore, if we may sup¬ 
pose that the concentration of the unactivated molecules is not depleted by 
the reaction, the number of 35 quanta collisions cannot fall off by as much 
as 0.033 of its value. But the concentration of unactivated molecules 
certainly cannot fall off appreciably; thus the most important source of 
26 quanta molecules will be 30 quanta collisions, and the number of such 
collisions in which one molecule has 27 or more quanta is very small. 
Furthermore, it is the molecules of still lower energy which are most 
important for producing activated molecules. 

For this particular example, which has been used in calculating the 
expected behavior of nitrogen pentoxide, 15 we have shown that the acti¬ 
vated molecules which are important for the reaction are deactivated at 
almost every collision, and that the rate of production of these activated 
molecules is not appreciably affected by the depletion of the concentration 

Kassel, L Phys. Chew., 32:1065 (1928). 
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of other activated molecules; we have also shown that no sensible depletion 
in the concentration of unactivated molecules is to be expected. The 
approximations which were made in the theory for the purpose of sim¬ 
plifying the calculations are thus justified for this case. At sufficiently 
high temperatures, when the ratio of the critical energy to the average 
energy of the molecules is reduced enough, these approximations become 
worse; we may expect them to remain valid for the cases with which we 
actually have to deal. There may be some question as to the validity of 
the preceding calculations, based as they are upon the representation of 
classes of collisions by the most probable member of the class; such rep¬ 
resentation is nevertheless quite valid, as a little experience in making 
actual calculations based upon these theories soon shows, and if it is not 
resorted to in situations such as we have been treating the arithmetical 
difficulties are enormously increased. 

5.7. Variant Forms o£ the Theory. The Classical Forms.—The 
particular form of theory which has just been given is due to Kassel. 16 
As the frequency of the oscillators in the model is decreased, the critical 
energy and the number of oscillators remaining the same, we find that 
the rate of reaction at any pressure approaches somewhat more closely 
to the theoretical high pressure value. In the limiting case the oscillators 
have become classical. It is this form in which the theory was first 
given; 17 it seems, however, that by now the time has come when quantum 
formulas are to be regarded as fundamental in the treatment of all molecu¬ 
lar problems, and the classical form of the theory will thus be obtained 
here as a limiting case. The direct derivation, which is in no way simpler, 
may be found in the original articles. 

The quantum weights which we have been using as absolutely defined 
integers become infinite, and it is necessary to deal with relative weights. 
It is evident that for very large values of j 

« Kassel, I. Phys. Chew., 32:1065 (1928). 

17 Kassel, J. Phys. Chem ., 32:225 (1928). There is no essential difference be¬ 
tween this form and that of Rice and Ramsperger, /. Am. Chem. Soc 49:1617 
(1927). In the Rice and Ramsperger theory the basis for the evaluation of kj is the 
assumption that the critical energy must accumulate in one squared term for reaction 
to occur, instead of in one degree of freedom (two squared terms) as Kassel assumed. 
This difference has been discussed in some detail by Rice, “Activation et Structure 
des Molecules,” Reunion Internationale de Chimie Physique , October 1928, 298, but 
without arriving at any definite conclusion as to the desirability of either assumption. 
In any case, the arithmetical results of the two forms are very closely the same, 
and in practice no distinction need be made between them. 
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and hence, for large /, (2) may be put into the forms 
Nj _ 

iV" j;i8-l e -ihv/kT 

1 

( jhv ) . foy 

2 () & -' l e~ ihv / kT . 

< 

. (jhv) eA hv / kT d (jhv) 

00 

(iAv) *~ 1 e~ ihv / kT d (ihv) 

o 

_ ( jhv) & ~ x eA hv / kT d {jhv) 

~ (s~~l) l(kT) s 

__ e^e^ kT ds _ N^de 

“ (j —i)i(*r)« “ ~ir c U) 

The classical derivation of this result is given in Chapter II, where it is 
obtained as (II, 37). 

We next find the classical analogue of our assumption (6). We want 
to keep jhv — e, the total energy, and mhv = s 0i the critical energy, con¬ 
stant as v decreases; therefore j and m will both approach infinity, but the 
ratio j/m will remain constant. It is clear that for j very large we may 
make the substitutions 

(j — m + s— 1) !/(;' — — m)*- 1 

/!/(/+ •?-!)! = I// 4 ' 1 ' j 


and hence we have 


a iiii —w+£—i) \ _ A ( j — ^ Y 1 

y = 00 (; — »)! (i + j — !)!“ V / / 


This also is found directly in Chapter II; .yee (II, 41). By combining (20) 
and (22) we obtain the reaction rate at high pressure 

k - r.d £ - £ ° r £, ~ ig ~ tAr 

feo °-J fo V 8 j (f — i) i(*r)» ( } 


=Ae- t ° /kT 

and the rate at any pressure is 

, Ae~* ° /kT 


/ OO 

o "T 


(j - 1 ) ! (kTyJ o 1 , A/aN 

X s ' 1 ' (•* , + «o)*~ 1 
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The numerical dependence of the rate upon the pressure is of the same 
general form as for the quantum case; examples of the use of this equa¬ 
tion also may be found in Chapter X. 

The assumption of a constant rate for all activated molecules may be 
made for the classical case also. The equilibrium fraction of molecules 
with energy at least fi 0 is found by integrating (20) from s = e 0 to oo ; 
the easiest method is to make the substitution x = s — e 0 , thus changing 
the limits of integration to 0 and co. The integrand may then be expanded 
and integrated term by term 


/: 


00 ^-l e -e/kT 


- ds : 


(s-l)l(kT)' 
= [ (j — 1)! (jPf) 


/y-£o/kT /*00 

I (e 0 x)’- 1 e-*/ kT dx 
J o 

/OO 

K*' 1 +(s- IK*- 2 * + . . . + x‘-i-]e-*/kT dx 

0 


.. 0 - 1)1 w ~ (s-l)!(kT)>J o 

g-Co/kT 


(*' 




K 

kT) 


+ 


+ ^ + l] 

(25) 


The specific reaction rate at high pressures will be just 1 times this: 


*" = [Ki)r(in')" , + • • • +"] w 

For the usual values of e 0 , j and T the first term in the bracket will be 
the largest, though the others are not negligible in all cases. At lower 
pressures the rate will fall off in accordance with (17), and therefore in 
a way not in agreement with experiment. This is the type of theory which 
has been given by Hinshelwood, 18 and it is still used by him and by his 
co-workers. 

There is a further type of difference to be noted between the results 
of theories in which the specific reaction rate of all activated molecules 
is the same and of those theories in which it increases with the energy of 
the molecule; for the former class the critical energy is much higher than 
the observed energy of activation; for the latter class this excess is cut 
down, arid the two quantities may become equal, or even, in extreme cases, 
the critical energy may be less than the energy of activation. 19 

We must mention also the work of Fowler and Rideal. 20 These 
authors were concerned chiefly with the decomposition of nitrogen 

18 Hinshelwood, Proc. Roy. Soc., U3A:230 (1926). 
presently* 5 ‘ S ** ^ Whh & f ° rm ° f quantum theor y ^ven by Rice, to be discussed 
20 R. H. Fowler and Rideal, Proc. Roy. Soc., 113A: 570 (1927). 
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pentoxide, and therefore they could not get activations enough with 
Hinshelwood’s type of theory. They did not make the assumption of a 
variable specific reaction rate for molecules of different energy, but in¬ 
stead assumed that under some circumstances the energy of both colliding 
molecules would flow into only one of them, with a high probability. In 
this way they were able to get an ample number of activating collisions; 
it should be mentioned that they intentionally calculated what they re¬ 
garded as an upper limit for the rate of activation. It was pointed out 
by Tolman, Yost and Dickinson 21 on the basis of the principle of micro¬ 
scopic reversibility, that very large diameters for the deactivation of 
activated molecules would be necessary if this theory were accepted; a 
numerical error in these calculations was discovered by Lewis, 22 which 
reduced somewhat the diameters necessary, leaving them between 10~ 6 
and 10 -5 cm., which is still rather unreasonably large. 

5.71. Variant Forms of the Theory. Rice’s Quantum Form.—In 

the application of the form of quantum theory which we have previously 
discussed it is necessary to make precise assumptions as to the frequency 
of the oscillators involved, and furthermore to choose frequencies which 
are all mutually commensurable. 23 In order to avoid the arbitrariness in¬ 
volved in such a procedure, Rice 24 has worked out a statistical method of 
treatment, which results in obscuring the discontinuous details of a 
quantum theory distribution law and following only the main outline. 
The form which he adopts is 

N - d ‘ = N w(irT^‘ Td ‘ < 27 > 

where B and r are arbitrary constants, which are to be determined either 
from thermal data, if it is available, or empirically. 

This treatment of the distribution law does not represent any essential 
departure from the spirit of the preceding theories, since it is only an 
algebraic approximation to the (unknown) truth. In his choice of the 
specific reaction rates, k e , Rice 25 introduces a rather more important inno¬ 
vation. Here he neglects entirely the quantization of the molecule and 

21 Tolman, Yost and Dickinson, Proc. Nat Acad. Sci., 13:188 (1927). 

22 B. Lewis, Science, 66: 331 (1927). 

23 In actual applications, all fixe frequencies are usually taken the same, since it 
has been found that the results are unaltered by this simplification, while the calcula¬ 
tions are made much easier. 

24 O. K. Rice, Phys. Rev., 32:142 (1928). 
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uses the classical expression appropriate to a molecule with j degrees of 
freedom 26 


e e °/ kT (g — 

VW 


(28) 


where <r is the actual number of degrees of freedom the molecule pos¬ 
sesses. 27 In a more recent article 28 Rice has discussed the arguments for 
and against this assumption at some length, but it does not seem possible 
to arrive at any final conclusion. The most important change produced 
by this theory is in the critical energy. Thus for azomethane ~ 9 this quan¬ 
tity is reduced from 52,000 cal., its value on the basis of the theories of 
Rice and Ramsperger and of Kassel, to 34,000 cal.; for azownpropane 
the change is even greater. The agreement with experiment in the case 
of azomethane, which still represents the best testing ground for any 
theory, is about as good as for the other theories. 

At the present time, we can only say that any form of theory which 
makes the specific reaction rate increase rapidly with the energy of the 
molecules leads to about the same results. This is true not only for those 
forms which have been described here, but for others which have been 
constructed by the author with the intention of producing different results, 
should this be possible. It is thus almost entirely a matter of personal 
preference which form shall be used, so far as the shapes of the curves 
obtained are concerned. It is desirable to adopt a quantum theory dis¬ 
tribution law, since more reasonable values for the heat content and the 
specific heat are then obtained. 


5.8. The Dynamics of Unimolecular Reaction. —The hope of mak¬ 
ing further progress in the theory of unimolecular reactions rests largely 
upon obtaining a better understanding of the reaction process itself. In 
the remainder of this chapter we shall consider this problem. 


5.81. Unimolecular Reaction on the Basis of the Old Quantum 
Theory. —Whenever a mechanical system possesses a Hamiltonian func¬ 
tion which is quadratic in the coordinates and the momenta it is possible 
to find a linear transformation, the principal axes transformation, 30 


26 This is the form of kt which was used by Rice and Ramsperger. There would 
be no essential change if k* were taken from (22) instead. It may be said that the 
apparent dependence of k e of (28) upon T is illusory. 

27 This number is Z(n — 2) where n is the number of atoms in the molecule, if 
vibration only is to be considered. 

28 O. K. Rice, “Activation et Structure des Molecules,” Reunion Internationale de 
Chimie Physique, October 1928, 298. 

20 O. K. Rice, Proc . Natl. Acad. Sci ., 14:118 (1928). 

30 Courant-Hilbert, “Mathematischen Physik,” I, Berlin, 1924, p. 9. 
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which will remove all cross products, and give a Hamiltonian which is a 
sum of squares of the new coordinates and momenta; the mathematical 
procedure by which this transformation may be found and carried through 
need not concern us here, though it may be mentioned that when there 
are many coordinates the calculations are extremely laborious and the 
resulting coordinates in general very complex functions of the original 
ones. The new coordinates are called normal coordinates, in contrast to 
the original, natural, ones. The system may be very easily quantized in 
terms of the normal coordinates, since these will represent a number of 
harmonic oscillators (the system will usually be degenerate, and as a 
result not all of the oscillators will be linear) ; the oscillators will be quite 
independent of each other, and no transfer of energy from one to another 
will occur. It is fairly clear that such a coordinate system is not of any 
use in accounting for unimolecular reaction. The difficulty may be traced 
to the original assumption of a Hamiltonian written as a quadratic form; 
such a Hamiltonian can be only approximately correct, and it has turned 
out that the features which it neglects are essential to our problem. 

When the Hamiltonian is not written as a quadratic form, and normal 
coordinates cannot be found, the system must be quantized in a single 
operation. For the unimolecular decompositions, which are the most 
important class, the resulting motion will apparently not be periodic. 
The old quantum theory does not seem to provide the methods for treat¬ 
ing a problem of this character. It was because of difficulties of this kind 
that Rice, Ramsperger and Kassel were led to abandon explicit reference 
to the interaction terms in the Hamiltonian and use as the distribution 
law simply that for a system of weakly coupled harmonic oscillators. 

One important advance has been made recently by Rice, 81 He has 
pointed out that there may be part of a molecule which is connected with 
the rest by rather weak coupling, so that energy transfer between the 
two portions is considerably impeded. In the extreme case this transfer 
would not occur at all and the pressure dependence of the rate of decom¬ 
position would be that of a simpler molecule, corresponding to the por¬ 
tion which was decomposing. If now the coupling were slightly stronger, 
we would have the following situation: during the period which sufficed 
for molecules activated in the correct half to decompose, no appreciable 
transfer of energy between the halves would occur, and the rate would 
begin to fall off with pressure in the same way as before; but at much 
lower pressures, when the time between collisions was greatly increased, 
the transfer of energy across the boundary would become a more impor¬ 
tant source of activations for the decomposing half than the rather rare 
collisions; the reaction would then become first order again, and at still 
lower pressures the rate would once more fall off; this process might be 
81 0. K. Rice, Z. physik. Chem. } 7B:226 (1930). 
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repeated several times. We need not necessarily expect to find this, case 
in the extreme form stated; but it is easy to see that less radical diffei- 
ences in the ease of redistribution of energy within the molecule could give 
rise to distortions in the shape of the rate-pressure curves. At the.present 
time there is no clear evidence of such a phenomenon, although in some 
cases the experimental data are suggestive of it. 

The dynamics of unimolecular reaction have been discussed by various 
other authors. We should mention here the work of Polanyi and 
Wigner/ 2 which attempts to consider the molecular vibrations as elastic 
waves, and supposes reaction to occur when by interference a large local 
amplitude is obtained. 

5.82. Unimolecular Reaction on the Basis of the Quantum 
Mechanics.—There are two quite different quantum mechanical processes 
which have been supposed to occur in unimolecular reactions. Both are 
analogues of simpler processes of the same type which are known to occur. 

5.82L Unimolecular Reaction Considered as Similar to Radio¬ 
activity.—It is a characteristic difference between the quantum mechanics 

and the older quantum theories 
that according to the former a 
particle cannot be permanently re¬ 
tained within a finite potential wall. 
This may be illustrated by Figure 
4. This figure is a potential energy 
diagram for a particle of some 
kind, the potential energy being 
plotted as ordinate against the 
position as abscissa. Now accord¬ 
ing to the classical theory and the 
older quantum theories, a particle 
in the region I whose total kinetic 
and potential energy was less than 
that of the level C would be for¬ 
ever unable to escape from this 
region. On the basis of the quan¬ 
tum mechanics, however, this is 
not so, and a particle whose total 
energy corresponds to the level B or even A, will eventually leak through 
the wall and appear in II. The rate at which this leak takes place is an ex¬ 
ponential function of the area of the effective part of the wall, decreasing 
very rapidly indeed as this area increases; the rate also decreases as the 

82 Polanyi and Wigner, Z, physik. Chem ., Haber-Band, 439 (1928). 



Figure 4. 

Schematic potential energy curve for 
unimolecular dissociations, according to 
Bourgin. 
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mass of the particle increases. 53 The problem of a-particle radioactivity 
has been successfully treated by a model of this kind, leading to a derivation 
of the Geiger-Nutall low. 34 

The most direct treatment of this kind is that given by Bourgin. 35 
According to the theory proposed by this author, the many degrees of 
freedom of the molecules which decompose unimolecularly have only a 
secondary effect on the reaction; this effect is to distort the potential 
energy curve for some bond in the molecule so that it contains a hump, 
as shown by Figure 4. The decomposition is then treated in a straight¬ 
forward manner as a quantum mechanical passage over (or through) this 
hump. This theory is subject to the serious objection 36 that it involves 
discarding the explanation which has been given for the rate of col- 
lisional activation on the basis of the many degrees of freedom involved, 
and thus revives the old difficulties as to the source of activation. It may 
thus be regarded as very unlikely that this picture of the reaction process 
is correct. 

Essentially the same idea has been put forward by Langer, 37 though 
in a somewhat more flexible form. It appears that Langer has in mind 
a reaction model very similar to Bourgin’s, but his equations could no 
doubt be generalized to take into account the complex structure of the 
entire molecule. Nevertheless, it may be doubted whether this is the cor¬ 
rect type of theory. 88 

5.822. Unimolecular Reaction Considered as an Auger Effect.— 

This is the type of theory which is often associated with the term pre¬ 
dissociation. It is characteristic of the band spectra of certain substances 
that the rotational fine structure disappears in some spectral region, rather 
suddenly, and that for some shorter wave length either this fine structure 
appears again, or a true continuum is found. This phenomenon has been 
given the name predissociation by Henri; 39 it has been discussed from 
the standpoint of quantum mechanics by various authors. 40 The con- 

83 This statement is only qualitatively correct, the actual dependence being more 
complex. 

34 Gurney and Condon, Nature, 122:439 (1928); Phys. Rev., 33:127 (1929). 
Gamow, Z . Physik, 51:204 (1928). Also various later, and rather more difficult, 
articles by a number of authors. 

35 Bourgin, Proc. Natl. Acad. Set., 15:357 (1929). 

" Kassel, Proc. Natl. Acad. Sci, 15: 601 (1929). 

87 Langer, Phys. Rev., 34:92 (1929). 

88 Rice, Proc. Natl. Acad. Set., 15:459 (1929). Roginsky and Rosenkewitsch, 
Z. physik. Chem., 10B:47 (1930). 

"Henri and Teves, Nature, 114:894 (1924). 

40 Bonhoeffer and Farkas, Z. physik. Chem., 134: 337 (1927) ; Kronig, Z. Physik, 
50:347 (1928); O. K. Rice, Phys. Rev., 33:748 (1929); Herzberg, Z. Physik, 
61:604 (1930). This last article gives a particularly clear presentation. 
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ditions which are required to produce predissociation are shown by Figure 
5. The potential energy curve A represents the normal state of the 
molecule, which dissociates into products of high energy; C is some excited 
state whose dissociation products have much less energy than those of A ; 
the state C, however, is not linked with A by any radiative transitions. 
B is a state whose potential energy curve crosses that of C at an energy 
greater than that corresponding to the dissociation energy of C, and of 

such a kind that transitions A-B are 


AD C 


Figure 5. 

Typical potential energy curves 
leading to predissociation. A is the 
normal state of the molecule, B and 
C are higher electronic levels. The 
transition A to C is forbidden, but 
A to B is allowed; molecules in the 
state B with total energy greater 
than that of the dissociation prod¬ 
ucts from state C are not absolutely 
stable, but may cross over from B 
to C and thus dissociate. 

A-B is to a state of B not much 


permitted. The following process then 
occurs: molecules in the state A absorb 
radiation passing to some point on the 
curve B slightly higher than P; there 
is then a chance, according to the 
quantum mechanics, that the molecule 
can make a radiationless transition 
from its state B to some state C with 
the same energy. Since this state has 
more than the dissociation energy, it 
will dissociate after making half a 
vibration. Because of the high proba¬ 
bility of transition from B to C, most 
molecules in the state B will not have 
time to complete a rotation, and hence 
the rotation will not be quantized, and 
the transition A-B will lead to a spec¬ 
trum without fine structure. It is 
essential that P should lie above the 
dissociation level for C, since the 
transition B-C will only occur when 
there is a state of C with the same 
energy as the state B in question, and 
this will only occur when the discrete 
level of B lies in the continuum of C. 
It is also essential that the transition 


above P, since otherwise the transition 
probability from B to C will be very small; this is known from the detailed 
quantum mechanical treatment of the problem; it is for this reason that 
the fine structure reappears at shorter wave lengths, 

* * Th x t U f er effCCt 41 occurs when an at °m is excited to an electronic 
state of higher energy than the lowest ionization energy of the normal 

atom. It is then possible for an electron to be emitted, with the ion 


41 Auger, Ann. fihys., 6:183 (1928). 
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being left in the normal state, the excess energy appearing as kinetic 
energy of the ejected electron. Here again the transition is from a state 
in the discrete spectrum to some state of equal energy in the continuum. 

It has been supposed 42 that the essential feature of unimolecular 
reactions is this same type of quantum mechanical transition from a state 
in the discrete spectrum to one in the continuum, with the same energy. 
It seems better to use the term Auger effect than the more usual one of 
predissociation, since the latter phenomenon is more complex and involves 
some features which are extraneous to the problem of unimolecular re¬ 
action. The general methods to be used in the quantum mechanical treat¬ 
ment of this type of problem are known, but there does not seem to be 
any obvious way of applying them to a problem so complex as the present 
one. We may agree with Langer 43 that the specific reaction rate does not 
increase with the energy of the activated molecules in any simple way, 
and that it depends much more upon the particular quantum state; it 
nevertheless is possible, and seems rather likely, that there will be a gen¬ 
eral tendency for the molecules of greatest energy to decompose at the 
greatest rates. So long as the theory remains statistical it is only this 
general tendency which can be taken into account. 

Roginsky and Rosenkewitsch 44 have given a detailed treatment of 
unimolecular reaction, both as a radioactive process and as an Auger effect. 
They conclude, that the latter description is preferable. They do not 
succeed in obtaining any relations which can be compared with experiment 
in an unobjectionable manner. They show some diagrams intended to 
indicate that E and A for various reactions do vary as they predict, but 
when these diagrams are re-drawn using experimental values which had 
been adopted for Chapter X before this paper appeared, quite different 
results are obtained. It need not be argued that the values of Chapter X 
are better than those they adopt; if it be merely granted that they are 
equally probable, it follows that with the experimental accuracy available 
at present, their predictions cannot be confirmed. There is no reason, 
in any case, why the diagrams given should be expected to verify their 
theoretical relationships, since these latter hold only for a series of reac¬ 
tions of the same type. 

.In view of this inability to use the results, it is not considered worth 
while to reproduce any of the complex mathematics of Bourgin, Langer, 
or Roginsky and Rosenkewitsch. 


5.9. The Effect of Inert Gases. —At pressures such that the Max¬ 
well-Bolt zmann quota of activated molecules is not maintained, it is 

HQ 9 Q?' fF R i ic< S Pro b ¥ a t L 4 cad ' Scl > 15 : 459 (1929); Phys. Rev v 34:1451 
(1929); Kassel, Proc. Natl. Acad . Sci, 15: 601 (1929) 

43 Langer, Phys. Rev., 34:92 (1929). 

* 44 Roginsky and Rosenkewitsch, Z. physik . Chem., 10B:47 (1930). 
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important to consider the effect of inert gases'in maintaining the rate. 
The experimental fact is that some gases, notably hydrogen, are very 
effective in this way, while others have but little influence; the effect is 
highly specific, depending upon both the reacting substance and the inert 
gas used. In no case does the inert gas produce more activations than 
can be accounted for by assuming a normal diameter and taking account 
of its molecular complexity in estimating a maximum efficiency of activa¬ 
tion; in many cases the number of activations produced is far less than 
might be expected. Calculations of this kind have been published by 
Rice. 45 We may consider as an example the case of methyl ether and 
hydrogen. It is necessary to assign to methyl ether about 12 classical 
squared terms to account for the pressure at which the rate falls off. We 
know from the energy of activation that the most important molecules are 
those with 58,000 cal. excess energy. A collision of methyl ether with 
hydrogen may be supposed to supply five squared terms which will be 
effective in removing this excess energy: two rotational and three trans¬ 
lational. The most probable partition of the excess, assuming complete 
statistical redistribution, would then mean a loss of 5/17 of it, or 17,000 
cal to the hydrogen. Even when the methyl ether is assigned 24 squared 
terms instead of 12, a number certainly too large, it is found that statistical 
redistribution at collision would mean a most probable loss of 10,000 cal.; 
a loss this great is in effect a deactivation, since the states which contribute 
appreciably to the reaction lie within an energy range narrower than 
10,000 cal. The experimental fact is that hydrogen is about as effective 
in maintaining the rate as is methyl ether itself, and since the smaller 
diameter of the hydrogen molecule is approximately compensated by the 
greater velocity, we may say that the collisions of methyl ether with hydro- 
, g en com e as near to statistical redistribution of energy as those of methyl 
ether with other molecules of methyl ether. We have no sure way of 
estimating how close this may be. 

There is ample evidence from other sources for the existence of high 
specificity for internal energy transfers, for both abnormally large and 
abnormally small effective diameters. The theoretical basis for under¬ 
standing this specificity is not lacking, 46 but for the complex systems of 
interest here the theory can be of little help. The study of unimolecular 
reactions in the presence of large excesses of inert gas offers the chance 
to obtain considerable empirical knowledge of such energy transfers. 

A more detailed quantum mechanical treatment of energy transfers at 
collisions has been given by Zener 47 for atoms and diatomic molecules in 


de 


rP' - K V>? ic - e} “Activation et Structure des Molecules,’” Reunion Internationale 
Cfnmie Physique , October 1928, 314. 

46 E.g., Kallmann and London, Z. physik. Chan., 2B * 207 (1929) 

47 Zener, Phys . Rev,, 37: 556 (1931). 
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the first row of the periodic system. It is found that rotational and trans¬ 
lational energy exchanges take place with about ordinary kinetic theory 
diameters, but that for transfers of vibrational energy the yield is much 
less. Thus for one quantum of vibrational energy passing from N 2 in 
the first excited state to normal N 2 , the cross section is 4 X 10“ 5 times 
the kinetic theory value. The experimental results on at least some uni- 
molecular reactions demand rather larger values than this; these are, to 
be sure, not excluded by Zener’s work, on account of its restricted 
application. 



Chapter VI 
Complex Reactions 

6.1. Introduction.—In the preceding chapters we have constructed 
a more or less complete theory for the various steps which may take place 
in homogeneous gas reactions. Although the theory has been at times 
rather complex, the phenomena with which it has dealt have been, on the 
whole, simple from the kinetic standpoint, so that, in general, a step which 
is uni-, bi- or tri-molecular may be represented by a rate constant asso¬ 
ciated with a first, second or third order equation. We have now to 
consider the problem of complex reaction mechanisms, and to determine 
the kinetic behavior which is to be expected from them. It is clear that 
even in quite simple systems there will usually be a very large number of 
conceivable reactions, particularly when we introduce intermediate com¬ 
pounds which cannot be obtained at a chemical stockroom; there are many 
such substances which are perfectly stable as isolated molecules, but which 
react vigorously with themselves and which therefore do not occur except 
at low concentrations; the best known examples of these substances are 
the atoms of the diatomic elements, H, N, O, F, Cl, etc.; to this same class 
belong such radicals as NH, NH 2 , CH, OH; the physicist regards these 
substances as legitimate molecules and measures their heats of dissociation, 
their internuclear distances, and other properties in which he may be in¬ 
terested; these measurements are made by means of band spectra, and 
possess considerable accuracy, though in several instances the molecule 
being studied has been incorrectly identified at first; such measurements 
will be of considerable assistance to us in deciding whether or not certain 
postulated steps can occur spontaneously. We shall occasionally go still 
further and employ in our mechanisms substances which are strange to 
chemist and physicist alike; when we are forced to do this, however, we 
shall recognize the provisional character of the theory. 

There are two principal types of complex reactions. One of these 
depends for its complexity upon the fact that the over-all reaction is 
achieved only after several steps which take place successively, some of 
which may be reversible; this type introduces no new theoretical ideas, and 
the calculation of the rate to be expected is an exercise in mathematics. 
The other type consists of the chain reactions; here the products of the 
reaction activate directly further reactant molecules, and unless the cycle 
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is interrupted by some accident, it continues until the reaction is com¬ 
plete ; these chain reactions themselves are of two main types, depending 
upon whether or not the chains branch. The activation which carries the 
chain is of a very general kind, as we shall see shortly, and chain reac¬ 
tions are not confined to cases in which energy is passed from product 
to reactant. 

6.2. Complex Reactions Which Do Not Involve a Chain.—There 
are many ways in which simple steps may be combined, and it would not 
be practicable to attempt any thorough classification of them. It will be 
sufficient to give a couple of fairly representative examples here and to 
indicate in some detail the mathematical methods which are used in their 
treatment. In Chapter XI a large number of mechanisms of this type are 
given, together with such evidence as we possess that these processes actu¬ 
ally do occur. 

6.21. Suppose that the mechanism of the over-all reaction 


(1) 

A + B = C 

involves the three elementary steps 

(2) 

2A — A 2 

(3) 

A 2 = 2A 

(4) 

a 2 + b = c+a 


Suppose further than the relative rates of these processes are such that at 
all stages of the reaction the concentration of A 2 is much less than that of 
A; we are not losing any generality by such an assumption, since experi¬ 
mentally the reaction will probably be followed simply by measuring the 
pressure, and unless the concentration of A z is quite small these measure¬ 
ments will not furnish any reliable information about the extent to which 
the reaction has progressed. For cases in which the concentration of A 2 
is large it would be necessary to determine it by some means, and the rates 
of the separate steps could then be determined directly. The method 
which we use in our calculations is based on the fact that since the con¬ 
centration of A 2 is small compared to the other concentrations, its time 
rate of change will be small compared to the rates of change of the other 
concentrations, and may, to a first approximation, be set equal to zero. 
In the present case, if the rate constants for the steps (2), (3) and (4) 
are k 2> k 8 and k 4) the rates at which the various concentrations are chang¬ 
ing are found to be 

d -~^- = h[AY - k*[A 2 ] - h[A 2 ] [B] 


0 ) 



116 KINETICS OF HOMOGENEOUS GAS REACTIONS 


Ml = =-2k*[A]* + 2k 3 [A 2 ]+k i [A,][B] (2) 

ML = -k<[A a ][B] (3) 


The condition that d[A 2 ]/dt shall vanish is 


[A] = 


h[A] 2 
h + k 4 [B] 


and when [A 2 ] has this value the rate of the reaction is 

d[B] ^ hh[A]*[B] 
dt k 2 -j” k^B] 


(4) 

(5) 


During the first few moments this equation will not be correct, since a 
finite time is required for the system to attain the steady state in which 
(5) is valid; but this time will be a very small fraction of the half life 
of the reaction; the most unfavorable case would arise when most mole¬ 
cules A 2 reacted with B and only a few reverted to A + A. Then the 
steady state concentration of A 2 would be much depressed by the occur¬ 
rence of the reaction, and the initial rate would be abnormally high; but 
the ratio of the extent to which the reaction would occur before the steady 
state had set in and the entire extent of the reaction would be of the same 
order as the ratio of the concentrations of A 2 and A, which is assumed to 
be quite small; when most molecules A 2 revert to A + A the steady state 
concentration would not be much affected by the reaction, and the steady 
state would set in even sooner. 1 

Even in the steady state it is not strictly correct to set d[A 2 ]/dt equal 
to zero. As a second approximation we may write 


d[A*] _ d[A,]d[A] d[A*]d[B] 

dt ~~ d[A] dt "T d[B] dt w 

and use for the concentrations on the right hand side the values (4) 
and (S). This gives as a second approximation to the rate 

g[gl- y 

dt k t + kt[B] A 

, _ 4k z [A] 

_ _ 

2k 2 \[A] 2k 2 k B [A] + k 2 h[A] 2 hhk 4 A 2 K } 

^ h + k, [B] ^ (A, + k, [B ]) 2 (h + h [B ]) 8 

1 Of course, if a very great excess of A were used, almost all of B would be used 
up before the steady state was reached. This is of little practical importance, since 
for experimental reasons the rate measurements are almost always made with com¬ 
parable quantities of the various reactants. 
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It may be seen that this correction factor is of the type 

! + °(w) <8> 

and hence that it may be neglected in most cases. 

There are evidently two limiting cases of (S) ; in the first, fe 3 is very 
large compared to k^[B] and the reaction will be of the third order; in 
the other, k 3 is very small compared to k±[B\ and the reaction will be 
second order with respect to A and independent of the concentration of 
B, so long as the latter is great enough to fulfill the necessary condition. 
The equation is of course applicable to all the intermediate cases between 
these two extremes. 

6.22. The second example which will be considered at this time is a 
reaction 

(1) A + Bz = AB 2 

which takes place by the mechanism 


(2) 

B 2 + X = B+B + X 

(3) 

b + b + x = b 2 + x 

(4) 

B + B z + X = B 3 + X 

(5) 

B s + X-B + B 3 + X 

(6) 

B 3 -f” A = AB Z -f- B 


where X is any molecule. Let the specific rates for these steps be 
k ,2 • * • k 6 . In this case there are two intermediate substances, B and B 3 ; 
both of them are supposed to be present only in very small amount, and 
the conditions for the steady state will be that both of their concentrations 
are constant. These conditions are 

= 2 h[B 2 ] [X] - 2k a [BY[X] - h[B] [ B 2 ] [X] + *.[*.] [X] 
+ k 6 [B s ][A]=0 (9) 

HM = ki [B][B 2 ][X] -h[B,][X] -k 6 [B s ][A] =0 (10) 

These equations may be solved for [B] and [B 3 ]; the value of [£] is not 
needed; that of [£ 3 ] is 

kXB 2 ]%[X] 



118 KINETICS OF HOMOGENEOUS GAS REACTIONS 


The rate of the reaction after the steady state has been reached is 

d[A] _ hk 6 VkJh[A][B 2 ]% 
dt ~~ k, + k,[A]/[X] 

It is thus of the three-halves order with respect to B Zi and of an order 
varying between zero and one with respect to A ; the rate is increased by 
the addition of inert gases, this effect being of greater importance the 
greater the concentration of A. For a mixture of constant proportions, 
the rate varies with the five-halves power of the total pressure. 

It can be shown by the same methods as were used for the preceding 
example that the approximations made are all permissible when the con¬ 
centrations of B and B z permit the reaction to be followed by pressure 
measurement. 

6.23. It will not be necessary to give any further examples of this 
type of complex mechanism. It should be pointed out at this time, how¬ 
ever, that it is very often possible to find more than one mechanism with 
the required formal dependence upon the concentrations. For this reason 
it is impossible to establish any mechanism merely by showing that it 
could account for the rate of the reaction. Sometimes it is possible to 
show that certain of the constants involved actually have the temperature 
dependence that is known to be correct; sometimes the actual presence 
of the postulated intermediates can be demonstrated; there are various 
circumstances which may lend support to the mechanism assigned a par¬ 
ticular reaction. In the absence of some confirmatory evidence, the con¬ 
struction of mechanisms becomes a game which is usually played with 
more pleasure than profit; this circumstance is rather generally recognized, 
but even so very few chemists have resisted opportunities to play. We 
shall, therefore, find an abundance of mechanisms to discuss in Chapter XI. 

6.3. Reaction Mechanisms Which Involve Chains. —The concept of 
reaction chains was invented by Bodenstein 2 to account for the very large 
quantum efficiency observed in the photochemical formation of hydrogen 
chloride. In this first mechanism the chain was carried by electrons; it 
was soon shown, however, that electrons were not liberated in chlorine by 
illumination with light which was photochemically active, and it became 
necessary to devise other mechanisms for the chain. The later mechanisms 
were of two types; the first of them, which was suggested by Bodenstein, 3 
depended upon activated molecules. It was essentially 

2 Bodenstein, Z, physik. Chem 85:329 (1913). 

8 Bodenstein, Z. Elektrochem,, 22:53 (1916). 
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(1) 

Cl 2 -f- hv — 

(2) 

Cl 2 ' + H 2 = HC1' + HC1 

(3) 

Cl 2 + HC1' = Cl/ + HC1 

(4) 

HC1' = HC1 

(5) 

0 2 + HC1' = 0 2 + HC1 


In these equations the mark ' indicates an activated molecule. It is a 
simple matter to work out the rate which would be expected -from this 
mechanism; since the absorption of light by chlorine is quite feeble, the 
rate of (1) may be represented by kj 0 [ Cl 2 ], where I 0 is the light intensity; 
the specific reaction rate constants for the other steps will be taken as 
h . . . k s . The conditions for a steady state are 

_ fe 2 [Cl 2 '] [H 2 ] - MHCl'] [C1 2 ] - fe*[HCl'] - 
£ 6 [0 2 ][HC1']=0 

d ^p = ^/„[C1 2 ] - £ 2 [C1 2 '] [H 2 ] + £s[HCl'] [Cl 2 ] = 0 


The corresponding steady state concentrations are found to be 


[HC1'] = 


kJo [O] 
k 4 + k 5 [ 0 2 ] 


[Cl/] 


Wo [Cl 2 ] 2 
^4 ~j~ [0 2 ] 


+ kJ 0 [Cl 2 ] 




The rate of the reaction is 


d[B.CI] _ k.kJolCU] 2 
dt ~~ h + k 5 [O z ] “ t 


hi 0 [CU] 


the second term will in general be unimportant, since it corresponds to 
the first step in a long chain. This equation is in fair agreement with 
experiment; it shows that the reaction may be strongly retarded by quite 
small amounts of oxygen. There are a number of other possible deacti¬ 
vating processes which might break the chain, and if they are included in 
the mechanism further terms appear in the denominator of the rate ex¬ 
pression. 

The second type of mechanism, as suggested by Nernst 4 and extended 
by Gohring, 5 involves atoms instead of activated molecules. It is 


4 Nernst, Z. Elektrochem., 24:335 (1918). 

6 Gohring, Z, Elektrochem 27 : 511 (1921). 
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(1) Cl 2 + hv = 2Q 

(2) Cl + H 2 = HC1 + H 

(3) H + Cl 2 = HC1 + Cl 

(4) Cl + 0 2 = loss of Cl 

(5) H + 0 2 = loss of H 

The corresponding expression for the reaction rate is 

' d[HCl] __ 2Wj||[Cl 2 ] {2fe s [Cl 2 ] + MOsI} 
dt ~ [0 2 ] {feA[H 2 ] + fe 3 ^fCl 2 ]} + feA[0 2 ] 2 

Of course, it is necessary for the successful operation of either of these 
chains that the steps (2) and (3) shall be rapid; for this to be possible 
they must be exothermic; it is known that this condition is fulfilled for 
Gohring’s mechanism; this mechanism receives further support from the 
experiments of Marshall * who showed that reaction in hydrogen-chlorine 
mixtures could be initiated by the introduction of hydrogen atoms, and of 
Polanyi, 7 who started the dark reaction by a trace of sodium, which is 
known to react with the chlorine according to the equation Na+ Cl 2 = 
NaCl + Cl. Thus the evidence appears to be more favorable to the atomic 
chain than to the energy chain for this particular reaction. 8, Sa 

In fact, there has been in the past considerable feeling that an energy 
chain was not really possible. This extreme view could find few sup¬ 
porters today, since it is known that energy transfers are very specific in 
character. Nevertheless, it must be kept in mind that an activated mole¬ 
cule cannot be expected to survive an indefinite series of collisions with 
inert substances, and it will be necessary to make some allowance for 
deactivation in dealing with energy chains. 


6.4. Chains That Branch.—There is a considerable number of reac¬ 
tions which display the phenomenon of explosion limits; for any given 
temperature and composition, the reaction rate is slow, usually immeasur¬ 
able, at pressures below some critical value, extremely fast at higher 
pressures, and then slow again above a second critical pressure. The 


« Marshall, J. Phys. Chem., 29 : 842 (1925). 

7 Polanyi, Z. Blektrochem., 33:554 (1927). 

■ 8 that the chain can be started by atoms is not certain evidence that it 

is an atomic chain, of course; the chain can also be started by ions, as is known from 

that and Langston, Am. Chem. Soc., 52:593 (1930), who found 

that the same chain could be started with a-particies as with light. See Section 11.3 
for a discussion of some difficulties omitted here. 

nr«no£j? C ^?fh^ 0res0 * 1 - ng i dlScussi ° n was , written, a different chain mechanism has been 
proposed for this particular reaction, which seems preferable to that given here' the 
Nernst chain, however, remains an ideal example of its type. 
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details of the phenomenon vary considerably from one reaction to another. 
So far as is known, there are two types of process which could give rise 
to lower critical pressures: the classical temperature rise due to insuffi¬ 
cient thermal conductivity, and the occurrence of branching chains; the 
existence of upper critical pressures seems to require the second type of 
explanation. 

The classical theory states merely that the reaction rate may be ex¬ 
pected to increase with the pressure; for an exothermic reaction, there 
will always be a higher temperature inside the reaction vessel than at the 
wall; the condition for a steady state is that the heat lost by thermal con¬ 
duction is just equal to that liberated by the reaction; we may write some 
such equation as 


dq/dt = ap 2 e~ B / RT — K(T — T 0 ) 

for the net rate of production of heat in the vessel; here the first term on 
the right gives the rate of production of heat by the reaction, the second 
term the rate of loss by conduction; T 0 is the temperature of the thermo¬ 
stat, T of the reaction mixture; if dq/dt = 0, regarded as an equation for 
T, has a real root, there will be a steady state, and the reaction will proceed 
normally; but if, for fixed values of the other constants, p or T 0 is in¬ 
creased sufficiently, this equation will have no real root, dq/dt will be 
always positive, the temperature in the vessel will increase, resulting in an 
increase in dq/dt, and hence a further increase in temperature, continuing 
until the reaction is completed. The treatment given is of course a very 
crude one, but is sufficient to show that the explosion temperature is 
lowered by increase in pressure and by increase in the size of the vessel 
(decrease in K ). 

The theory of branching chains has almost unlimited possibilities; as 
an example of what is meant we may consider the possible mechanism of 
water formation 


OH + H 2 = H 2 0 + H 
H + 0 2 + H 2 = H*0 + OH 

but occasionally 

H + 0 2 + H 2 = H + 2 OH 

When this latter reaction occurs, a chain has branched. If there were no 
processes which destroyed chains, then, no matter how slowly they were 
produced, the number in progress, and hence the reaction rate, would in¬ 
crease exponentially, leading to explosion. Suppose, however, that chains 
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are destroyed by diffusion of hydrogen atoms to the walls, at a rate which 
we may write as A 4 [H]. We then have 

^ = MOH] [H 2 ] - fe[H] [0 2 ] [H 2 ] - k<[K] + » 

^^1 = -ft*[OH] [Ho] + fe[H] [0 2 ] [H 2 ] + A,[H] [0 2 ] [H,] 

where n is the rate at which new chains start; adding these equations, we 
get the rate of change of the number of chains present: 

^+^r 1 = h[R] [ ° 2] [Ha] - mh] +» 

The steady state condition is that this rate must be zero; if 

&4 > h[0 2 ] [H 2 ] 

this condition leads to 

[H ^ ~kl — kl [0 2 ] [H 2 ] 

from which the reaction rate can be calculated if n is known; but if 


k± 5 s ^[02] [H2] 

no steady state is possible and the number of chains in progress increases 
indefinitely. Since k± is a diffusion constant it will be inversely propor¬ 
tional to the pressure, and thus at a given temperature the steady state 
condition can be fulfilled for pressures below a critical limit, and not for 
higher pressures; since the chain-branching reaction is considerably 
endothermic, k s will increase with temperature faster than k i} and the 
critical pressure will thus be lower the higher the temperature. It is to be 
particularly noted that the critical conditions are entirely independent of 
n } so long as it has a finite positive value. 

It may help to consider the problem from a different angle. The 
chance for a chain to branch during a single cycle is 


+ h 

The chance for it to be destroyed during a single cycle is 

h 
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The condition for the chains to have a finite length, and hence the rate a 
finite value, is 

ks _ k± _ 

k* + h ^ (h + k s ) [0 2 ] [H 2 ] 
which leads immediately to the same condition as before: 

h>h[o 2 ][n 2 ] 

There are other possible explanations for the occurrence of critical 
lower pressures; for example, if one of the chain carriers can be destroyed 
by spontaneous dissociation, the reaction may show such a limit. 

Just as the existence of lower critical pressures is associated with the 
destruction of chains by processes which are kinetically of lower order 
than those by which the chains are propagated, the reverse relation leads 
to upper critical pressures, above which the chains have finite length. 
There are other possibilities, however, such as 

A + X = aY+ . . 

B + Y = X+ . . 

A + Y = end of chain 

Here A and B are the reactants, X and Y the chain carriers; the occur¬ 
rence of an a > 1 in the first reaction represents schematically the occa¬ 
sional branching of a chain at this point. When these are the only 
reactions of importance, the chains will be of infinite length when 

m . fes 

[A]^(a- l)k 2 

as is easily verified. 

Finally, there is another possible source of critical pressures; the chains 
are carried on in the gas phase, but in many cases they are known to 
originate at the walls, and it may be that beyond definite pressure regions 
the nature of the adsorbed layer is such as to inhibit the production of 
chains; this suggestion has been considered by Alyea 9 in some detail. 

In making calculations of the propagation of chains in vessels of finite 
size, the deactivating effect of the walls has usually been treated in a 
rather elementary way. A more rigorous treatment, based on diffusion 
equations, has been given by Bursian and Sorokin, 10 which confirms the 
elementary results in all essential points. 

A rule for obtaining the reaction velocity corresponding to any mecha¬ 
nism of a rather general type without making calculations has been given 
by Schwab. 11 

9 Alyea, J. Am . Chew. Soc 53: 1324 (1931) ; see Sections 12.42-12.45. 

10 Bursian and Sorokin, Z. physik. Chew 12B : 247 (1931). 

11 Schwab, ibid., 8B: 141 (1930). 



Chapter VII 

Experimental Methods of Reaction Rate 
Measurement 

7.1. Introduction.—Before proceeding to a consideration of the ex¬ 
perimental data in the field of reaction rates it will be necessary to have 
some idea of the general methods by which these data have been obtained 
and the reliability of these methods. It is not intended that this chapter 
shall be in any way a guide to the actual measurement of reaction rates. 

7.2. General Methods.—Practically all the work done in this field 
has been based upon the use of two methods. The first of these, probably 
the more important, is the static method. A suitable reaction vessel is 
placed in a thermostat and brought to the desired temperature; then the 
gases are admitted, the reaction starts, and from time to time the extent 
to which it has proceeded is determined. The most convenient method is to 
follow the reaction by means of the pressure change, when this is not 
zero. When the reacting gases are not corrosive, the measurements may 
be made with an ordinary manometer or with a McLeod gage, depending 
upon the range of pressures; when this is not possible, it is usual to employ 
either a quartz spiral manometer or some form of membrane gage; these 
are essentially null instruments, which indicate when the pressure within 
the reaction vessel is equal to that in another vessel containing an inert 
gas whose pressure is easily adjusted and easily measured. In some cases 
the pressure within the reaction vessel may be directly measured by an 
all-glass instrument, such as a quartz fibre gage. When the pressure does 
not change during the reaction it is still possible to follow its progress by 
a colorimetric method, by measuring the refractive index, or in some simi¬ 
lar way, but in practice these expedients are almost never used; it is 
customary in such cases to allow the reaction to proceed for a definite time, 
and then to stop it as quickly as possible; this can usually be done best 
by rapid cooling; then the extent of reaction may be determined at leisure; 
in most cases some of the gases may be frozen out at a suitably low tem¬ 
perature and the residual pressure measured; when this method is not 
available, analytical means may be resorted to, though these are not often 
satisfactory at low pressures where the amount of material may be ex¬ 
tremely small. It is, of course, desirable to obtain measurements of the 
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entire course of the reaction whenever this can be done, since the time 
required to accumulate an equal amount of data in much less. 

The other important method of measuring reaction rates is the flow 
method. In this, a mixture of the reactant gases is prepared at some 
temperature where the reaction is quite slow and then passed through a 
region at such a temperature that a suitable amount of reaction will be 
produced; the gas mixture is then collected and analyzed. This has the 
quite important advantage over the static method that more rapid rates 
may be measured. In practice, the total pressure of the gases used has 
generally been atmospheric, a convenient inert diluent being used to vary 
the composition; this procedure is not very satisfactory, since even the 
most inert gases often have a considerable effect when they are present 
in large excess. The theory of the flow method is not as simple as that 
of the static method; even when there is but a single gas involved in 
the reaction it is necessary to consider the pressure change in order to 
calculate correctly the time a molecule spends in the reaction zone; but 
when the reaction is not first order, it is also necessary to know the com¬ 
position at every point in the reaction zone; this is determined by both 
diffusion and convection, so that a general solution becomes impossible. 
The methods to be used when convection is either complete or negligible 
and when there is no volume change as a result of the reaction have been 
given by Bodenstein and Wolgast 1 and Langmuir. 2 Benton 3 has treated 
the case of first order reactions for which there is a volume change; his 
derivation is not easy to follow, but the result he obtains is the correct 
expression for the case that both diffusion and convection are negligible; 
this can hardly ever be a reasonable assumption. The error due to these 
uncertainties increases rapidly with the extent of reaction, and beyond 
about 10 per cent change it is practically impossible to obtain reliable rate 
constants. 

7.3. Homogeneous and Heterogeneous Reactions.—The first thing 
to be decided in the study of any gas reaction is whether or not it is 
homogeneous. The only reliable method for doing this is to change the 
surface volume ratio by a considerable factor and note whether or not the 
rate changes. In most cases this result is best achieved by packing the 
reaction vessel with tubes of the same material; it is important that this 
packing should be reasonably uniform. A method which has been much 
used is to use'a vessel half full of the appropriate material in the form 
of a coarse powder. This is not entirely reliable, since the great majority 
of the molecules are left nearly as far from the walls as they were before. 

1 Bodenstein and Wolgast, Z. physik. Chem ., 61:422 (1908). 

2 Langmuir, I. Am. Chem . Soc., 30:1742 (1908). 

8 Benton, ibid., 53: 2984 (1931). 
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When it is found that under a certain set of experimental conditions 
a reaction is heterogeneous, the problem may arise whether conditions can 
be found such that it will be homogeneous. There are three methods 
by which one may hope to produce this change. The first and best is to 
find a more suitable material for the walls. Most reaction rate measure¬ 
ments are made in glass vessels, but various kinds of glass have been 
found to possess quite different catalytic activity in some cases; there is 
the possibility of using quartz or porcelain, of treating the surface with a 
more inert covering, such as paraffin, sodium chloride or carbon, and of 
taking care that the surface shall be as free from pitting as possible; the 
use of such powerful cleaning agents as concentrated sulfuric acid is par¬ 
ticularly likely to increase the effective surface area. For this reason it 
is important that the additional surface used in testing the homogeneity 
shall have a history similar to that of the vessel itself. 

It is usually, but not invariably, true that the rate of a homogeneous 
reaction increases more rapidly with temperature than does that of the 
corresponding heterogeneous reaction; the exceptions which are known 
are all in cases where the heterogeneous rate has been obtained by using 
a hot metal filament in a cool gas, and seem to be cases in which the 
filament acts only as a supply of heat; if this is the correct interpretation 
we should expect that the reactions in question would be homogeneous 
in vessels of the corresponding metals. It is thus possible in some cases 
to get rid of the heterogeneous part of the reaction by working at a high 
enough temperature; at low temperatures the heterogeneous part will be 
dominant, and the measured temperature coefficient will correspond to it; 
at high temperatures, where the reaction is mainly homogeneous, the tem¬ 
perature coefficient will have a correspondingly higher value. This change 
from a lower to a higher value of the temperature coefficient has sometimes 
been considered proof of the change from heterogeneous to homogeneous 
reaction, but such a criterion is unreliable, and has actually led to errors 
more than once. 

Finally, by working at higher pressures it is sometimes possible to 
secure a reaction which is essentially homogeneous, since the wall may 
become saturated so that the amount of reaction occurring upon it cannot 
increase with the pressure. Since it is particularly interesting to study 
reactions at low pressures this method is not very often helpful. It is 
this increasing catalytic activity of the wall at low pressures which sets 
the lower limit of pressures which can be used in the study of some 
reactions. 

7.4. The Order of a Reaction.— When a reaction has a rate which 
is proportional to some power of the concentration of one of the reactant 
substances, that power is called the order of the reaction with respect to 
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the substance involved; the sum of all the orders with respect to various 
substances is called the total order or simply the order of the reaction. 
In complex cases the dependence upon concentration is not of this simple 
type, and it is no longer useful to use the term order. There are various 
methods which are used to determine the order of a given reaction; per¬ 
haps the most satisfactory is to vary the concentrations one at a time and 
compare the initial rates. In any case, after the order has been found, it 
should be tested over as wide a range of concentration as the experimental 
arrangements permit; the concentrations of every gas present, whether or 
not it is believed to participate in the reaction, should be varied; thus, if in 
the experiments on ozone decomposition, the oxygen concentration is kept 
constant, an entirely false idea of the nature of the reaction will be ob¬ 
tained. When the reaction is found not to have a simple order there is the 
problem of finding some empirical equation which will represent its rate. 
There are, of course, no general methods by which this is to be done. 

7.5. The Temperature Coefficient o£ Reaction Rate.—-The influ¬ 
ence of temperature on the rate should be investigated over the widest 
possible range. For first order reactions, the rate will normally increase 
about three-fold for ten degrees, in which case it is difficult to work over 
a range of more than about 70°, corresponding to a variation of half-time 
in the ratio 1:1000, that is from 30 seconds to eight hours. Second order 
reactions can be studied over somewhat greater temperature ranges, since 
the half-time is dependent upon the concentrations also. Such reactions 
have a tendency toward somewhat smaller temperature coefficients than 
do first order reactions, and by suitable variation of concentrations it is 
possible in some cases to extend the measurements over a range of several 
hundred degrees. In some instances the lower limit of temperature is 
fixed by the growing importance of a wall reaction, and the available range 
is thus shortened. It is to be expected in all cases that the temperature 
coefficient will be at least approximately given by an Arrhenius type equa¬ 
tion, but the deviations from such an equation are of much interest. 

7.6. Accuracy.—It is impossible to make any general statements about 
the accuracy to be expected of reaction rate measurements. Under the 
most favorable circumstances it ought to be possible to attain an absolute 
accuracy of 0.5 per cent or better, but this has certainly not been done. 
The best existing measurements, judged simply by their own consistency, 
are in error by at least 2 per cent, and in most cases the uncertainty is con¬ 
siderably greater. An error of 1° in the temperature will introduce a 10 
per cent error in the rate, and it is probable that in most of the work 
done at higher temperatures, the temperature scale of the investigation 
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is incorrect by at least 1°; fortunately, a shift of this character is not 
very important, provided the relative tempei'atures are correct. 

There have been many attempts to increase the accuracy attained by 
means of complex statistical methods borrowed from the social sciences. 
The most recent of these is that of Reed and Theriault; 4 the methods 
proposed suffer from the same objection as have all preceding suggestions. 
The chemist in his laboratory is never guaranteed by any higher power 
that the reaction he is to study is of a given order; his experiments deter¬ 
mine for him some equation which approximately represents the course 
of the reaction, and at the same time they fix approximate values for the 
constants in that equation. Now there is no use in adopting sophisticated 
methods to find the “most probable” values of those constants unless 
equally sophisticated methods are first used to find the most probable form 
of the equation. But if we do this, we shall never have reactions of the 
first order, but only of the 0.97836 1 1 0.002S8 order; anyone who is 
willing to accept such an order has then the right to use it in determining 
the “most probable” rate constant; such a procedure is probably justified 
if the rate data are wanted for purely statistical purposes, but this book 
makes no attempt to give the theory of reactions of the 0.97836 ± 0.00258 
order. If the “errors” of the measurements were all due to imperfections 
in thermostats and manometers, it would be permissible to decide that 
actual reactions must have a simple order and then to determine the “most 
probable” constants in the equation which had been simplified by theoreti¬ 
cal, rather than statistical, methods; but in any actual case there is no 
way of knowing that deviations from a simple equation are not caused 
largely by imperfections in the gases, by wall reactions, and side reactions, 
and other such perturbing effects which are not distributed at all in accord¬ 
ance with an error function; under these circumstances, any attempt to 
“correct” pressure measurements by the assumption of such constant 
errors as will improve the agreement with a simple equation is quite likely 
to “correct” the rate constant in the wrong direction with respect to the 
actual chemical process whose rate follows this equation. 

It is not meant to imply that no care need be taken in the calculation 
of constants. A recent paper by Roseveare 5 contains some helpful sug¬ 
gestions; Roseveare points out, as has often been done before, that the 
common practice of averaging rate constants calculated for equal time 
intervals during a single run is unwarranted; he does not state, however, 
that if the intervals represent equal amounts of reaction, the method gives 
results about as good as any. 

4 Reed and Theriault, /. Phys. Chew., 35:673, 950 (1931). 

B Roseveare, /. Am. Chew. Soc 53:1651 (1931). 



Chapter VIII 
Second Order Reactions 

8.1. Review of the Theory of Bimolecular Processes.—In Chap¬ 
ter III we found that it was possible to- make a simple classification of 
the various types of bimolecular processes which was of very considerable 
theoretical significance. The simplest bimolecular reaction would be one 
in which two free atoms came together to form a molecule; we found that 
the rate to be expected from such a process is very small; the reason for 
this is that the energy of reaction is great enough to cause dissociation 
again, and it is necessary for this energy to get into some harmless form 
if reaction is to occur; the possibilities are for the surplus energy to go 
into the rotation of the molecule which is to be formed, to appear as 
energy of electronic excitation, or to be radiated at the instant of reaction. 
We have been able to show that all of these processes have a very small 
probability, and that the rate to be expected in bimolecular associations 
of free atoms is very small. There are also special restrictions upon these 
processes; thus some molecules cannot be dissociated into two normal 
atoms by the absorption of light, but always give at least one excited atom, 
and these molecules therefore cannot be formed at all by the combination 
of two normal atoms with the emission of light; likewise the first process, 
in which the surplus energy goes into rotation, is only available when a 
shared electron bond is being formed, since the shape of the potential 
energy curve for a polar bond does not permit the combined rotational and 
vibrational energy of the molecule to exceed the energy of dissociation. 
The important fact about all of these processes is that they are expected 
to have very small rates. 

When we come to consider bimolecular associations, not of single 
atoms, but of complex radicals, we find an increased possibility for reac¬ 
tion, and our theory predicts that in this case a considerable fraction of 
all collisions will lead to the formation of molecules which, though they 
are not perfectly stable, have a good chance of enduring until they make 
a collision and get rid of their surplus energy; the difference between 
this case and the formation of diatomic molecules comes from two causes; 
the first is that as soon as there is more than one vibrational degree of 
freedom the energy of reaction can be divided among them all, with 
none having enough to cause dissociation; the second factor does not 
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become operative until there are a large number of degrees of freedom 
in the molecule being formed, so that, no matter what the total energy of 
the colliding molecules may be, it will very nearly coincide with some 
quantum state of the molecule which is to be formed; when the coinci¬ 
dence is not good enough, the molecule formed at the collision will have 
an exceedingly short life. We may expect that the complexity required 
in the molecule being formed for the reaction to have a reasonably large 
rate is about the same as that which seems to be needed for a uni- 
molecular decomposition, that is at least five or six atoms. 

The other type of bimolecular process is the metatheses. These are 
especially simple when they involve a free atom. It had been assumed by 
Herzfeld for this case that if the reaction were exothermic it would take 
place at every collision, except for a small steric factor, while if it were 
endothermic it would occur at every collision, again apart from a steric 
factor, which could supply the necessary heat of reaction. Recent quan¬ 
tum mechanical treatments by London and by Eyring and Polanyi seem 
to show that even when the reaction is exothermic there will usually be 
some activation required; the amount necessary is expected to be con¬ 
siderably less than for metatheses which involve only molecules of satis¬ 
fied valence. The quantum mechanical treatment shows also that reaction 
takes place most easily when the free atom approaches the molecule along 
the line of centers; for other types of collision, the critical energy is 
higher. The reaction rate will therefore be represented by a sum (or 
integral) of terms each of which is a collision number multiplied by an 
exponential factor. When this is approximated by a single term of the 
same type, the energy of activation occurring in the exponential will be 
greater than the critical energy for the most favorable collisions, and, as 
a secondary effect, the target area also will be too large. 

When neither of the reacting substances is a free atom, the theory 
suggests that the reaction will not occur so easily, some activation being 
required even when the reaction is exothermic. According to the simple 
theory, the rate of the reaction is to be obtained by multiplying the number 
of collisions by a small steric factor and by an exponential term of the 
type e~ E / RT . This expression may be derived by assuming that the only 
energetic requirement for reaction is the possession of the energy E by 
some particular degree of freedom. It is almost certain that this theory 
is oversimplified. By taking into account the entire number of degrees 
of freedom involved in the collision, and by introducing reaction proba¬ 
bilities which depend upon the energy of the collision, it is possible to 
obtain a descriptive type of theory which will be found to stand in better 
agreement with experiment than does the simple form; the most important 
feature of this modification is that it permits of an energy of activation 
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which is a function of temperature, as is required by the experimental 
data. 

8.2. The Bimolecular Formation of Diatomic Molecules.—Such 
experimental information as we possess about this type of reaction is 
almost entirely in the form of upper limits for the rates in question. 
Measurements of the rate of recombination of atomic hydrogen have been 
made by Bay and Steiner, 1 by Smallwood, 2 by Senftleben and Rieche- 
meier, 3 and by Havlicek. 4 Bay and Steiner found that in a long tube of 
2.S cm. diameter, with a partial pressure of hydrogen atoms of 0.07 mm. 
and a total pressure of 0.2 mm. the hydrogen atoms had a half life of 
about 1 sec. Taking a diameter for the hydrogen atom of 2 X 10' 8 cm. 
and assuming that all the recombination takes place at ordinary collisions, 
it is found that the upper limit for the efficiency of these collisions is 
2 X 10~ 6 . Smallwood analyzed his results in greater detail, expressing 
them by 

- dNu/dt = 10- 16 N H * + 10~ 32 N H 3 + 10~ 32 N h 2 Nh 2 

where N H and N Ha are the numbers of hydrogen atoms and hydrogen 
molecules per cc.; the numerical coefficients here are only roughly deter¬ 
mined. If the first term is caused entirely by recombination at ordinary 
collisions, the efficiency cannot exceed 6 'X 10~ 7 ; this fraction of the volume 
of the tube in Smallwood’s experiments was within a distance of 10~ 7 cm. 
of the wall, and Smallwood therefore interprets the first term in (1) 
as representing triple collisions in which the wall is the third body; if 
this view is correct, the upper limit for the efficiency of the gas reaction 
H + H = H 2 will be further reduced. The results of Senftleben and 
Riechemeier do not agree well with those of Smallwood, but they indicate 
an upper limit for the bimolecular reaction which is at least as low. For 
the rather improbable results of Havlicek, see Section 9.6. 

The direct combination of bromine atoms has not been studied, but we 
can derive some information from the experiments of Bodenstein and his 
students on the thermal and photochemical formation of hydrogen bromide 
which are considered at length in Section 11.1. On the basis of the 
mechanism assigned to these reactions, which is very well established, it is 
calculated that at the lowest pressure studied, 4 mm., only one collision of 
two bromine atoms out of every 40,000 leads to recombination, and that 
the larger part of these recombinations certainly involve triple collisions. 
The efficiency of ordinary collisions for the reaction Br -f- Br = Br 2 is on 

1 Bay and Steiner, Z. physik. Chem ., 2B: 146 (1929). 

2 Smallwood, /. Am. Chem. Soc 51:1985 (1929). 

8 Senftleben and Riechemeier, Ann . Physik , 6:105 (1930). 

4 Havlicek, Ndturwissenschajten, 22:531 (1930). 
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this basis less than lCh 5 , Bromine atoms might also recombine by the 
process Br + Br' = Br 2 -f- hv , where Br' is a bromine atom in the state 
2 P^; it is shown by the experiments of Kondratew and Leipunsky 6 on 
the continuous spectrum of bromine that at 1000° C. the efficiency of this 
process is of the order of 10~ 9 . 

The experiments of Polanyi and Schay 0 on the so-called highly dilute 
flames show that the reaction Na + Cl = NaCl has at most 10~ 4 the rate 
of the reaction Na 2 -f- Cl = NaCl+ Na, which takes place at every col¬ 
lision; these experiments are discussed in Section 11.41. 

It is quite possible that in the cases we have been considering the 
actual rates are very much less than the upper limits which we have been 
able to calculate. In all the cases discussed, except that involving the 
excited bromine atom, the reaction occurred mainly by some other mecha¬ 
nism, and in none of these cases is it necessary to suppose that the bimo- 
lecular process occurs at all in order to account for the results. Our pre¬ 
diction that under normal circumstances such bimolecular processes will 
never be of importance is thus in agreement with all existing data. 

8.3. The Bimolecular Formation of Polyatomic Molecules.—The 
experimental material available for these reactions is quite scant. 

The equilibrium between nitrogen dioxide and tetroxide has long been 
known to be very rapidly reached, and numerous attempts have been made 
to determine its rate by measuring the velocity of sound. It has been 
shown by Einstein 7 that the velocity of sound in the gas should increase 
when the frequency becomes so great that equilibrium cannot be attained 
in a quarter-cycle; Einstein has given equations from which the velocity 
at any frequency may be calculated in terms of the specific heats, the heat 
of dissociation, and the reaction rates; these equations, however, assume 
that the dissociation is first order, the recombination therefore second 
order, and also that the absorption of sound is small. The first important 
measurements were made by Gruneisen and Goens 8 and led to the con¬ 
clusion that at pressures down to 26S mm. and frequencies up to 15,6(30 
cycles the equilibrium was still established. Olson and Teeter, 9 in a brief 
note, report the provisional result that the velocity increases at 50,000 
cycles; this corresponds to a rate for the assumed bimolecular association 
of about 10 9 cc. mole -1 seer 1 Kistiakowsky and Richards, 10 contrary to 
the results of Olson and Teeter, find no change in the velocity of sound 

5 Kondratew and Leipunsky, Z. Physik, 56:353 (1929); Trans. Faraday Soc . 

25:736(1929). ^ 

6 Polanyi and Schay, Z. physik . Chem ., IB: 30 (1928). 

7 Einstein, Sitsb. Bert. Akad 1920, 380. 

8 Gruneisen and Goens, Ann. Physik , 72:193 (1923). 

9 Olson and Teeter, Nature, 124:444 (1929). 

10 Kistiakowsky and Richards, J. Am. Chem. Soc., 52:4661 (1930). 
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at frequencies up to 80,000 cycles/sec. and pressures as low as 300 mm. 
In order to account for this constancy within 0.5 per cent, which is stated 
to be the possible limit of error, the rate for the association would have 
to be at least 10 10 cc, mole" 1 seer 1 Unfortunately, the actual velocity does 
not agree with the calculated value better than about 1 per cent. The 
most recent work on the equilibrium is that of Verhoek and Daniels; 11 
this work gives new equilibrium constants, and a new value for the heat 
of dissociation; using these values, Verhoek and Daniels 12 have recalcu¬ 
lated the theoretical sound velocity for low frequencies; their results are 
about 3 meters less than the observed value at 200-400 mm., and only 
1.5 meters low at 700 mm. Since this deviation is independent of fre¬ 
quency, it is not easy to see what is its cause; one possibility is that the 
absorption of sound is too large for Einstein’s calculations to apply; it is 
an experimental fact that the absorption does increase at low pressures, 
where the deviation is greatest. 

If the measurements are correctly made, a matter of no small difficulty, 
the velocity of sound method is probably suitable for the determination 
of a lower limit for the actual reaction rate; it does not seem likely, 
however, that it can be used successfully to determine the rate, since there 
are other circumstances which can bring about an increase at higher fre¬ 
quencies; the velocity of sound is fundamentally dependent upon the 
translational velocity of the molecules; the presence of any other type of 
motion with which translational energy may have to be shared will reduce 
the velocity; when the frequency is increased to such a point that this 
distribution cannot be completed in a quarter-cycle, the velocity will 
increase; such an increase has actually been observed in the case of carbon 
dioxide. 13 

The experiments of Polanyi and Hartel 14 on the initiation of the reac¬ 
tion between hydrogen and chlorine by the addition of metals which can 
react with chlorine to produce monatomic chlorine in the system show 
that the reaction Zn + Cl 2 = ZnCl 2 certainly does not take place with an 
efficiency as high as 2'X 10~ 4 , and that with cadmium the corresponding 
efficiency is not as high as 10' 5 . In both cases the rate of the direct for¬ 
mation of the dichloride is shown to be certainly less than that of the 
formation of the monochloride and a chlorine atom, although the latter 
process is endothermic. 

In contrast to these results we may cite some rather curious observa¬ 
tions made a long time ago by Langmuir. 15 These experiments deal with 

11 Verhoek and Daniels, /. Am. Chem . Soc ., 53: 1250 (1931). 

12 Verhoek and Daniels, J. Am. Chem. Soc., 53: 1186 (1931). 

18 Kneser, Physik. Z 32:179 (1931). 

14 Polanyi and Hartel, Trans. Faraday Soc., 24 : 606 (1928). 

15 Langmuir, /. Am. Chem. Soc v 35: 931 (1913); 37: 1139 (1915) ; 41:167 (1919). 
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the clean-up of gas in lamp bulbs; a considerable variety of filament 
materials and gases was used, and in most cases the reaction was quite 
clearly heterogeneous; in several instances, however, the rate of loss of 
weight by the filament in the presence of the gas at low pressure (below 
0.1 mm.) was the same as in a vacuum. The results obtained with nitro¬ 
gen using tungsten filaments are the simplest and will be considered first. 
The rate of evaporation of the tungsten was not affected by the presence 
of the nitrogen, and when the pressure was high enough one molecule of 
nitrogen was removed from the gas phase for every atom of tungsten that 
evaporated; when the pressure became so low (about 0.001 mm.) that the 
mean free path was of the same order as the dimensions of the bulb, the 
efficiency of the clean-up diminished somewhat; the efficiency at these low 
pressures could be calculated by assuming that if the tungsten atom col¬ 
lided with a molecule of nitrogen before reaching the wall, clean-up 
occurred, but that once deposited on the wall it was inactive. Langmuir 
supposed that the product of the reaction was WN 2 and this view is con¬ 
firmed by some more recent work of Smithells and Rooksby. 16 

Now it would be almost impossible to believe that the elementary 
reaction W ■+ N 2 = WN 2 could have an efficiency of the order of magni¬ 
tude of unity; nevertheless it is not easy to discover any other explanation 
of these results. If the reaction W + N 2 = WN + N were exothermic, 
it would offer a satisfactory interpretation, since the second atom could 
be taken up at leisure after the intermediate WN had reached the walls; 
but this reaction will not be exothermic unless WN has a heat of dissocia¬ 
tion greater than that of nitrogen, 210,000 cal., which must be regarded 
as very improbable. Another, more serious, possibility is that the reaction 
occurs when a tungsten atom strikes a molecule of nitrogen adsorbed on 
the surface of the bulb; it is then necessary to suppose that there is a 
considerable amount of absorption even at quite low pressures; the 
adsorbed film, however, need not be saturated, since there is no reason 
to believe that a single tungsten atom remains fixed on the surface at the 
point it first strikes; it cannot leave the surface without acquiring a pro¬ 
hibitive energy, but it may very well move as a two dimensional gas on 
the surface; then as long as there is considerably more nitrogen than free 
tungsten on the surface, the greater number of tungsten atoms will en¬ 
counter nitrogen and form the nitride before they encounter tungsten; 
but when the amount of nitrogen is sufficiently reduced, the tungsten 
atoms will come together and form massive tungsten, which, of course, will 
not react with nitrogen; it is possible that nitrogen molecules striking 
the surface from the gas phase will be of importance for the reaction, 
but it seems more likely that collisions with adsorbed molecules will 

16 Smithells and Rooksby, I. Chem . Sac., 1927:1882. 
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account for the bulk of the change. If this explanation is correct, the 
ratio of the clean-up to the amount of tungsten evaporated will depend 
upon the pressure of nitrogen and upon the rate of evaporation of tungsten 
per cm. 2 surface of the bulb, since the faster tungsten atoms are deposited 
on the surface, the higher the concentration which they will maintain there, 
and the greater the chance that two of them will collide. If Langmuir’s 
simple explanation were correct, the clean-up efficiency would increase 
as the dimensions of the bulb increased, and be independent of the rate of 
evaporation; the experiments by which these predictions could be tested 
are unfortunately lacking. 

The clean-up of nitrogen by molybdenum is somewhat similar to that 
by tungsten, but the apparent efficiency is lower and there is a consider¬ 
able dependence of this efficiency upon the bulb temperature, the clean-up 
being greatest at low temperatures; this effect can be explained somewhat 
more naturally on the hypothesis of a surface reaction than on Langmuir’s 
interpretation, but the point is not conclusive. The clean-up of oxygen 
by platinum resembles these other reactions in that the rate of evapora¬ 
tion is not altered by the gas added, so that the reaction does not occur on 
the filament; Langmuir supposed that it, too, was a gas reaction. 

In the present state of the theory of such processes, we have no choice 
but to reject Langmuir’s interpretation of these experiments, since it is 
based upon incomplete evidence. Nevertheless, it appears very worth 
while to investigate these reactions further, and the methods used here 
might profitably be extended to the study of many more reactions. 

8.4. Exothermic Metatheses Which Involve a Free Atom.—Our 
theory predicts that these reactions will have a low energy of activation, 
and will therefore occur with large specific rates. In general, in agree¬ 
ment with this prediction, they defy direct measurements, and most of 
our knowledge is based upon the more or less uncertain analysis of com¬ 
plex mechanisms. Various special techniques have also been used in some 
cases with good results. 

8.41. Reactions of Atomic Hydrogen.—From the analysis of the 
formation of hydrogen bromide in Section 11.1 it is found that the reac¬ 
tions 

(1) H + Br 2 = HBr + Br + 41,260 cal. 

(2) H + HBr = H 2 -f Br + 16,300 cal. 

are very fast; the absolute rates are not determined, but (1) is 8.4 times 
faster than (2); this ratio remains constant from room temperature up 
to 300° C. and it is thus very likely that the individual rates are but 
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slightly dependent upon temperature, since otherwise the difference would 
almost surely become evident over this wide interval. The reaction 

(3) H + Cl 2 = HC1 + Cl + 44,900 cal. 

is usually considered to be very fast. It has been directly observed by 
Marshall 17 and by Boehm and Bonhoeffer, 18 but these experiments are not 
of such a character that the rate may even be estimated. It is one of the 
reactions in the Nernst atomic chain, which has been supposed to repre¬ 
sent the mechanism of the formation of hydrogen chloride from its 
elements; if it actually occurs in the main part of the chain, as an essential 
step, then it must be a very fast reaction, taking place at at least lQr 3 of 
all collisions; it will be seen in Section 11.3, however, that this mechanism 
is not supported by all the evidence available. lSa Polanyi 19 has made some 
experiments on the inhibition of the formation of hydrogen chloride in 
the presence of bromine which, on the basis of the Nernst mechanism, 
suggest that (3) is 7.5 times faster than (1), and therefore 63 times faster 
than (2). It might have been expected that (3) would be slower than 
(1), since the chlorine molecule is more firmly bound than that of bro¬ 
mine, but of course many other factors may play a part in determining 
the relative rates. The rate of the reaction 

(4) H + H 2 para = H 2 orth ° + H 

has been measured by Farkas 20 and by Geib and Harteck. 21 

Farkas studied the thermal decay of paraliydrogen at pressures of 50 
to 760 mm. and temperatures of 600° to 900° C. The first experiments 
were made with a flow method, at 700° to 900° C. and atmospheric 
pressure; reaction vessels had surface-volume ratios of 0.6 cm." 1 to 
23 cm." 1 ; it was found that the reaction was homogeneous under those 
conditions. A few crude experiments were then made at 100 mm., using 
the vessel with surface-volume ratio of 0.6 cm." 1 , and the order was found 
to lie between first and second. The main group of measurements was 
then made by a static method, at 50 to 400 mm. pressure and 600° to 
750° C., apparently with no test of homogeneity under these changed 
conditions. The measurements, according to Farkas, satisfy the equation 

[H/] * - [H. 2 p ] „ = ([H**] o - [H 2 *>] *) 

where 

k 2 = 10 12 -°V 687 °°/^ (liter mole- 1 ) * sec." 1 

17 Marshall, I. Phys. Chem., 29:842 (1925). 

18 Boehm and Bonhoeffer, Z. physik. Chem ., 119: 385 (1926). 

18a Recent work, discussed in Section 11.3, suggests that the Nernst chain is wrong, 
and that (3) occurs at not more than 10~ 4 of all collisions. 

19 Polanyi, Trans. Faraday Soc., 24:606 (1928), 

20 Farkas, Z. Elektrochem 36:782 (1930) ; Z. physik. Chem., 10B: 419 (1930). 

21 Geib and Harteck, Z. physik. Chem., Bodenstein-Band, 849 (1931). 
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When it is assumed that (4) is actually the rate-governing step, it becomes 
possible to calculate its rate constant; for this it is necessary to know the 
equilibrium constant for the dissociation of hydrogen; by far the best 
value available is that calculated by Giauque 22 from spectroscopic data. 
Recalculation of Farkas’ data using Giauque’s equilibrium constants gives 
for the rate of (4) 1.0 X 10 11 ■\/7V 5800 /- Rr cc. mole -1 sec.” 1 ; this is 0.006 
the rate which would correspond to reaction at every collision which sup¬ 
plied 5800 cal. activation energy. 

In the work of Geib and Harteck the pressure was about 0.5 mm., the 
temperature 10° to 100° C. The hydrogen atoms were now produced by 
an electric discharge instead of by thermal dissociation; a streaming 
method was used and, as always occurs, there is uncertainty as to how the 
rate constants should be calculated; on the assumption of complete mixing, 
Geib and Harteck find a rate constant of 2.2 X 10 12 VT#” 7250 /-^ cc. mole” 1 
sec.” 1 ; this is in good agreement with Farkas' own calculation, but leads 
to a calculated rate at 700° C. about 1/10 that observed, when Giauque's 
equilibrium constant is used. On the alternative assumption that there 
is no mixing whatever, the rate constant turns out to be 5.1 X 10 10 
V Te~ 52Q0 I RT cc. mole -1 sec." 1 , in quite good agreement with our recalcula¬ 
tion of Farkas’ data. There is no theoretical justification for requiring 
the energy of activation to be constant over a 700° C. interval, and the 
decision as to the extent of mixing cannot be made on the basis of this 
agreement. 

All the calculations agree in indicating a steric factor which is some¬ 
where between 0.15 and 0.006 and an energy of activation between 5250 
and 7250 cal.; it is probably impossible to fix the rate more closely without 
further experiments. Eyring and Polanyi 23 calculate a theoretical value 
of at least 13,000 cal. for the energy of activation. 

8.42. Reactions of Atomic Oxygen.—Some information with regard 
to the reaction 

(5) O + H 2 = OH + H 

may be obtained from the work of Kistiakowsky. 23a Oxygen-nitrogen and 
oxygen hydrogen mixtures were exposed to light of two different wave 
lengths: 1854-1862 A . and 1719-1725 A. The former of these produces 
excited oxygen molecules, with 153,000 cal./mole energy, therefore more 
than the energy of dissociation; the second wave length gives dissociation 
in the elementary act, leading to one normal and one excited atom, the 

22 Giauque, 7. Am, Chew, . Soc. t 52 : 4816 (1930). 

2 s Section 3 4X2 

28a Kistiakowsky, 7. Am. Chew, . Soc. f 52:1868 (1930). 
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latter being in the 1 D 0 state and having an excitation energy of 45,000 
cal./mole. It is known from the work of Warburg 24 and of Vaughan 
and Noyes 25 that in oxygen and in oxygen-nitrogen mixtures the yield 
for either of these wave lengths is two molecules of ozone per quantum. 
Kistiakowsky finds that with the longer waves, giving excited molecules, 
the yield is the same in oxygen-nitrogen and oxygen-hydrogen mixtures, 
while with the shorter wave lengths quite different results are obtained; 
with mixtures containing 20 per cent oxygen, the ozone yield is only 25 
per cent as great in the presence of hydrogen as when nitrogen is used, 
and an equal amount of hydrogen peroxide is formed. With higher con¬ 
centrations of oxygen, there is relatively more ozone and less hydrogen 
peroxide formed. 

It is not easy to account for these results. The two primary processes 
are 


(a) 0 2 + hv = O + O' 

00 Oa + hv = cv 

In the case of the second of these processes there are three possible next 
steps: 

(c) 0/ + X = O + O + X 

(*0 Oa' -f* Oa — O 3 -}- O 

(e) 0/ + 2Oa = 20 s 

When light of the higher frequency is used, the step 

(O o+o 2 + x = o 3 + x 

certainly occurs with a high efficiency, otherwise the quantum yield of 
two could not be obtained. Hence, when light in the short wave region 
is used, and hydrogen is substituted for nitrogen, the normal oxygen atoms 
produced must react with the hydrogen, otherwise the quantum yield of 
ozone could not be decreased more than 50 per cent by the substitution of 
hydrogen. We must consider the four reactions 

(g) O + Ha = OH + H 

(h) O' + Ha = OH + H 

(j) 0 + Ha + X = H 2 0 + X 

00 O' + Ha + X = H 2 0 + X 

24 Warburg, Sitsb. Akad . IViss. Wien , 1912:216; 1914:872. 

25 Vaughan and Noyes, /. Am . Chem. Soc ., 52: 559 (1930). 
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Even if (h) and (k) were so fast compared to 
(1) O' + 0 2 + X = 0 3 + X 

that this last step did not occur at all in oxygen-hydrogen mixtures, it 
would still be necessary for (g) and (j) together to remove half of the 
normal oxygen atoms produced in the 20 per cent oxygen mixture, leaving 
only half of them to react by (f). But if this is true, then when long¬ 
wave light was used with oxygen-hydrogen mixtures, the quantum yield 
would be only 1 if (c) were the second step and only 1.5 if (d) were. 
This work thus seems to point to the hitherto unconsidered step (e). 2e 

If we accept tentatively the conclusion that with long waves the 
mechanism of ozonization is (b) followed by (e), we lose the necessity, 
and indeed the possibility, of distinguishing between the reactions of nor¬ 
mal and of excited atoms, and we shall no longer consider explicitly the 
reactions (h), (k) and (1). Then in oxygen-hydrogen mixtures there are 
three processes which compete for oxygen atoms: (f), (g) and (j). In 
the 20 per cent mixture, we must suppose that (£) gets a quarter of the 
oxygen atoms; it is not so easy to determine how the remainder are 
divided; if we accept the determination of Marshall 27 that each hydrogen 
atom liberated in hydrogen-oxygen mixtures produces at least two mole¬ 
cules of hydrogen peroxide, we may conclude that not more than one- 
eighth of all the oxygen atoms react by (g). It is probably unsafe to 
assert more than that, if this argument is right, then the rates of (£), 
(g) and (j) are of the same order of magnitude. That being so, it seems 
rather unlikely that (g) could occur at any large fraction of all collisions. 

This conclusion is confirmed by the work of Schumacher. 28 The band 
spectrum of N0 2 shows two regions of predissociation, one below 
3700 A., the other below 2448 A. It is fairly certain that in these regions 
absorption is followed almost immediately by dissociation into NO and O; 
the oxygen atom produced in the long wave predissociation region must 
be in the normal state; the difference between the energy furnished 
(77,000 cal./mole) and that needed (72,600 cal./mole) presumably ap¬ 
pears as relative kinetic energy of the dissociated fragments; it is uncertain 
at present whether the short wave predissociation gives a normal atom or 
one excited to the state; the excess kinetic energy of the products if a 
normal atom were formed would be 43,700 cal./mole, a value very close 
to the excitation energy of the oxygen atom (45,000 cal./mole). 29 In 

f 6 The conclusion is my own. Kistiakowsky has discussed the data in a way 
similar to that presented here, but without considering (e). 

27 Marshall, /. Phys. Chem 30:34, 1078 (1926). 

28 Schumacher, J. Am. Chem . Soc 52:2804 (1930). 

29 Frerichs, Phys. Rev., 36:398 (1930). This short wave predissociation region 
had previously been used by Kondratjew, Z. physik. Chenn,, 7B: 70 (1930) to deter¬ 
mine the heat of dissociation of oxygen, upon the assumption that an excited atom 
was formed. 
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considering the effect of the kinetic energy of the oxygen atom formed, 
account must be taken of the relative masses of it and its next collision 
partner; when this is very light, as is the case with hydrogen, the con¬ 
servation laws prevent any very efficient transfer and the energy is thus 
unavailable for producing activation; when the collision partner is of a 
mass comparable with that of the oxygen atom the kinetic energy is 
presumably available for activation. Schumacher illuminated mixtures of 
nitrogen dioxide and hydrogen with light in both predissociation regions; 
there are then presumably the two competing reactions 

(5) O + H* = OH + H 

(6) O + N0 2 = 0 2 + NO 

With light in the first predissociation region, where surely only normal 
atoms are formed, the rate of (6) is stated to be at least 10 4 times greater 
than that of (5), while in the second region the difference is less. Thus 
certainly (5) does not take place at every collision with normal atoms, 
and this reaction thus presumably requires activation; it is most likely 
that the gain of (5) with respect to (6) in the short wave region means 
that with 1 D oxygen atoms little further activation is required. It may not 
be concluded that (6) does not require activation, since the kinetic energy 
of the oxygen atoms could supply about 3000 cal./mole activation energy, 
which would account for the rate of (6) being 200 times greater than 
that of (5). 

A third proof that (5) does not take place readily is supplied by the 
work of Harteck and Kopsch; 30 oxygen atoms from a discharge tube 
were mixed with a stream of hydrogen and the water formed was 
measured. The three possible primary reactions are 

(5) 0 + H 2 = OH+H+ 13,200 cal. 

0 + H 2 + X=H 2 0 + X+ 116,200 cal. 

H 2 + 20 = 20H -f 129,200 cal. 

The latter two may be eliminated, however; it is found that the amount of 
water formed increases with increase in temperature; from room tempera¬ 
ture up to 189° C. the apparent energy of activation is 6000 cal.; it would 
not be possible for a trimolecular reaction with an energy of activation 
this large to give the observed amounts of water at the low pressures used. 
The actual yield of water is equivalent to about 1 molecule for 10 8 col¬ 
lisions of H 2 and O at room temperature; this is only about 1/200 the 
collision efficiency which would be found if every collision supplying 6000 

30 Harteck and Kopsch, Z. Elehtrochem 36:714 (1930); Z. physik. Chew., 
12 B: 327 (1931). 
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cal. led to reaction. Harteck and Kopsch found also that, although only 
0.35 per cent of the O atoms were obtained as water, the presence of H 2 
in their experiments caused a rapid decay of the oxygen afterglow; this 
means that O atoms were being used up. Harteck and Kopsch tried the 
reaction 

(7) O *4" H 2 0 — H 2 4~ Os 4" $00 cal. 

but found that it did not take place to an observable extent. They then 
apparently abandoned the attempt to find an explanation for the quenching 
of the afterglow. The author would suggest the following partial inter¬ 
pretation 

(5) O + H 2 = OH + H 

2 H = H '2 on walls 

( 8 ) O 4- OH = Os + H+ 1000 cal. 

20U + X= H 2 0 2 +X 

(9) H 2 0 2 4" O — H 2 0 4 - 0 2 

The first step is supposed to occur at every collision which supplies 6000 
cal., apart from an unimportant steric factor. The hydrogen atoms 
formed will be largely destroyed by recombination on the walls, since these 
experiments were carried out with dry gases. The OH groups have two 
main possibilities available; they may either react with O atoms at ordinary 
collisions, or form H 2 0 2 at triple collisions, possibly also at the walls. 
If ( 8 ) does not have a very large energy of activation most of the OH 
groups will take the former course; the net result of (5) followed by ( 8 ) 
is simply 

20 4- H 2 = 0 2 4- 2H 

and if the hydrogen atoms are rapidly destroyed at the walls, this will 
then constitute a mechanism for the destruction of O atoms without for¬ 
mation of water. The scheme omits the reaction 

OH + H* = H 4 - H 2 0 

since according to Farkas, Haber and Harteck 81 this reaction is slow 
below 400° C. A mechanism such as this is fairly plausible, but by no 
means certain. As a result, no definite value for the rate of ( 5 ) can be 
obtained from this work, but all evidence indicates a collision efficiency of 
from 10“ 4 to 10~ 8 at room temperatures. 

It has been shown by Farkas, Haber and Harteck 32 that oxygen atoms 

31 Farkas, Haber and Harteck, Naturwissenschaftenj, 19:266 (1930). 

32 Farkas, Haber and Harteck, Z. Elektrochem. t 36; 711 (1930). 
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produced in hydrogen-oxygen mixtures by the photochemical decompo¬ 
sition of nitrous oxide lead to the formation of water; the rate increases 
with the temperature and at about 405° C. explosions were obtained; the 
results were very similar to those of the same workers with hydrogen 
atoms. The attempt to use nitrogen dioxide as a source of oxygen atoms 
was not very successful; they explain this failure by the great rate of 
(6) compared with (5) ; there is here the further difficulty that the ex¬ 
periments must be made at lower temperatures, since nitrogen dioxide 
itself is a powerful catalyst for the thermal reaction between hydrogen 
and oxygen (Section 12.44). 

Harteck and Kopsch found that methane is fairly inert, but not quite 
as much so as hydrogen. It was not possible to determine the extent to 
which reaction occurs accurately, since in addition to H 2 0 and C0 2 some 
H 2 and CO also are formed, and small amounts of these latter substances 
can hardly be determined in the presence of much CH 4 . The temperature 
coefficient indicates an energy of activation of about 3000 cal., though it is 
far from certain that there is any single reaction which is rate-determining. 
It is likely that the first step is 

(10) CH* + O = CH 2 0 + H* + 69,000 cal. 

This would then probably be followed by one of the two rapid reactions 

(11) CH*0 + O = CO + H 2 0 + 114,000 cal. 

(12) CH 2 0 + O = COh + H* + 125,000 cal. 

This is of course quite speculative; it receives some support from the 
results with CC1 4 . This substance is slightly more active than CH 4 and 
here it can be definitely shown that the process is 

(13) CCU + O = CO Cl 2 + Cl 2 ■+ 92,000 cal. 

The temperature coefficient of this reaction was not determined. The 
partially chlorinated methanes all react more vigorously, but since the 
reaction products are capable of further reaction with O atoms the results 
are not very definite. Qualitative results show that HCN is about as re¬ 
active as CC1 4 , HC1 rather more reactive, HBr still more. QH 6 is more 
reactive than CH 4 , and C 5 Hi 2 and C q Hi 4 more reactive than C 2 H 6 . 

8.421. Very recently there has become available some information as to 
the reactions of OH, which may appropriately be considered here, since it 
behaves in many respects like a free atom. The work of Frankenburger 
and Klinkhardt, S2a Bonhoeffer and Pearson, 32b and von Elbe and Lewis 820 

82a Frankenburger and Klinkhardt, Trans. Faraday Society, 123:431 (1931). 

82b Bonhoeffer and Pearson, Z. physik. Chem. t 14B: 1 (1931). 

820 von Elbe and Bernard Lewis, private communication. 
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forms a consistent whole, and suggests collision efficiencies at room tem¬ 
perature of 10" 10 for 

(13a) 0H + H 2 = H 2 0 + H 

and 10~ 4 for 

(13b) OH + OH = H a O + O. 

8 .43. Reactions of Atomic Sodium.—A considerable number of 
these reactions, all of which give a sodium halide as one product, have been 
studied by the method of highly dilute flames. The temperature co¬ 
efficients have not been determined, but there is good reason to believe 
that the reactions are but slightly temperature-dependent. The following 
results have been obtained at about 300° C.; for details, Section 11.4 
should be consulted. 

(14) Na + Cl, = NaCl + Cl + 40,700 cal. 
k = 2 'X 10 15 cc. mole" 1 seer 1 

o = 10" 7 cm. 

(15) Na + HgCl, = NaCl + HgCl + 30,000 cal. 
k = 3 X 10 15 cc. mole -1 seer 1 

o = 1.4 X 10- 7 cm. 

(16) Na + HgCl = NaCl + Hg + 58,000 cal. 
k = 2 X 10 14 cc. mole" 1 seer 1 

o = 4 X 10" 8 cm. 

(17) Na + HI = Nal + H + 1870 cal. 
k = 5 X 10 14 cc. mole" 1 seer 1 

o = 6X 10" 8 cm. 

The reactions 

(18) Na + Br 2 = NaBr + Br + 43,000 cal. 

(19) Na I ’2 — Nal -}- X -|— 33,700 cal. 

also are rapid, but no definite values for the rates are known. 

A further large number of reactions have been studied by the method 
of diffusion flames. 33 It is found that 

(20) Na + CH 3 F = NaF + CH 8 

takes place at less than 10" 7 of all collisions at 500° C.; if this is due to 
an energy of activation, the value must be at least 25,000 cal. 

(21) Na + CH 3 C1 = NaCl + CH 3 

83 Hartel and Polanyi, Z. physik . Chem ., 11B:97 (1930). See Section 11.5. 
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has been studied between 510° and 770° K. The energy of activation is 
about 8100 cal, (Hartel and Polanyi’s value must be increased by RT/2 
since they do not consider the temperature dependence of the number of 
collisions). The collision diameter which must be used with this energy 
of activation is about 3.5 X 10~ 8 cm. For 

(22) Na + CH s Br = NaBr + CH 3 

the temperature coefficient gives an energy of activation of 3,600 cal.; the 
diameter is 7 X 10 _s cm. For 

(23) Na + CH 3 I = Nal + CH 3 

the temperature coefficient has not been determined, but is almost surely 
very small, since at 240° C. the reaction takes place with a collision di¬ 
ameter of 4.5 X 10~ 8 cm. Thus for this series of transformations we have 
essentially kinetic theory diameters combined with an energy of activation 
which increases steadily from CH 3 I to CH S F; this increase is probably 
connected with the increasing strength of binding in the series of methyl 
halides, as well as with the decreasing nuclear separations in the sodium 
halides formed; the change is in the direction which would be expected 
from the London-Eyring-Polanyi theory of such processes. 

Quite a number of other organic halogen compounds have been investi¬ 
gated at single temperatures. Approximate activation energies may prob¬ 
ably be obtained in most cases by assuming normal collision diameters. If 
a diameter of 5.5 X 10" 8 cm. be taken in all cases we obtain the following 
suggestive series of activation energies: 



F 

Cl 

Br 

I 

CH S 

25,000 

8800 

3200 

0 

CH s CH 2 


7300 

4400 

1700 

CH s CH 2 CH 2 




3000 

c„h 5 


7200 

3100 

0 

CH 8 CO 


1700 

2100 




CH S C1 

8800 




CH 2 C1, 

4900 




CHC1 8 

2000 




ecu 

0 



The high activity of CC1 4 with Na is in striking contrast with its relative 
inertness to O atoms. 

Of a somewhat different type is the reaction with cyanogen: 

(24) Na + (CN)* = NaCN + CN 
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Here 1 collision out of 14,000 produces reaction at 260° C., 1 out of 20,000 
at 300° C., 1 out of 24,000 at 350° C. There are unusual experimental 
difficulties in this case, due to the higher pressure of Na necessary, and 
Hartel and Polanyi do not seem to consider the apparent negative tem¬ 
perature coefficient real. At 500° C. the collision yield was no greater 
than at 300° C. Thus there is apparently no appreciable energy of activa¬ 
tion; Hartel and Polanyi suggest that the low yield is to be accounted for 
by steric difficulties. If the reaction may be considered as 

Na + NC — CN = NaCN + CN 

it is clear enough that reaction will be difficult, but it is not at all obvious 
why high-energy collisions would not be more likely to produce reaction. 
If a small amount of the cyanogen exists as CN—NC, it may be only this 
which reacts. The amount in this form at equilibrium would probably 
be a function of temperature, but it is quite likely that with the experi¬ 
mental conditions prevailing in this work equilibrium would not be at¬ 
tained. This is, of course, at present only a suggestion unsupported by 
any real evidence. 

With CNC1 two reactions occur 

(25) Na + CNC1 = NaCl + CN 

(26) ; Na + CNCl=NaCN+Cl 

At 300° C. the former occurs at 0.08 of all collisions, the latter at 0.02. 
If it is assumed that the yield of NaCl is governed by an activation energy 
of 2,900 cal., while that of NaCN is independent of temperature, then it 
may be computed that at 500° C. the ratio NaCl: NaCN should have risen 
from 4:1 to 8:1. This is verified experimentally. The same sort of 
explanation as was proposed for the reaction with cyanogen would suggest 
in this case that cyanogen chloride is 98 per cent NC—Cl and 2 per cent 
CN—Cl at room temperature. This proportion is great enough so that the 
chance of detecting the tautomeric form, if it actually exists, is rather 
larger than with cyanogen itself. 

8.44. Reactions of Atomic Potassium.—The results available here, 
from studies of highly dilute flames, are 

(27) K + HC1 = KC1 + H + 1,800 cal. 
k = 10 14 cc. mole" 1 seer 1 
o = 3 X 10 -8 cm. 

K + HBr = KBr + H + 3,450 cal. 
k — 3.7 X 10 14 cc. mole" 1 seer 1 
o = 6 X 10" 8 cm. 


( 28 ) 
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(29) K+HI = KI + H + 4,150 cal. 
k = 2 X 10 15 cc. mole -1 sec. -1 

o = 14 'X 10" 8 cm. 

8.45. Reactions of Atomic Halogens.—The most interesting reac¬ 
tion of atomic chlorine is 

(30) Q + H 2 = HC1 + H — 800 cal. 

This reaction occurs in the Nernst chain for the formation of hydrogen 
chloride; the mechanism for the latter reaction is discussed in Section 11.3, 
where it is shown that this chain is far from being established; in fact, 
the inability to interpret the behavior of this reaction, despite hundreds 
of researches, is the outstanding scandal of photochemistry. It has been 
suggested by Rollefson, on the basis of experiments with I Cl, that (30) 
only occurs with 2 P 1 chlorine atoms, which have 2,500 cal. energy in excess 
of the normal 2 P 2 state; there seems to be considerable disagreement as 
to the experimental results, however. If (30) does occur in the Nernst 
chain it must take place at at least 10 -3 of all collisions. If, however, the 
Nernst chain is to be replaced by the newer mechanism of Section 11.3, 
then the collision yield of (30) must not exceed 10 -10 . 

The reactions of atomic halogens with sodium molecules have been 
studied by the method of highly dilute flames: 

(31) Cl + Na 2 = NaCl + Na + 78,300 cal. 
k = 6 X 10 18 cc. mole -1 sec. -1 

o = 2 X 10~ 8 cm. 

(32) Br + Na 2 = NaBr + Na + 68,700 cal. 
k = 6 X 10 13 cc. mole -1 sec. -1 

o = 2 X 10 -8 cm. 

(33) I + Na* = Nal + Na + 49,600 cal. 
k = 10 13 cc. mole -1 sec. -1 

o = 0.9 'X 10 -8 cm. 

All of these rate constants depend upon the equilibrium constant 

K= (Na)V(Na*) 

and hence are less certain than other values obtained by the same method. 

8.5. Endothermic Reactions Which Involve a Free Atom.—For 
reactions of this type we expect an energy of activation which will be 
about equal to the heat absorbed. The experimental data are less exten¬ 
sive for this case, but there is some information concerning the reactions 
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(1) 

Br + H 2 

= HBr+H-14,500 cal. 

(2) 

Zn + Cl 2 

= ZnCl + Cl 

(3) 

Cd + Cl 2 

= CdCl + Cl 

(4) 

Na + HC1 

= NaCl + H - 8,600 cal. 

(5) 

Na + HBr 

= NaBr + H — 1,450 cal. 


The reaction (1) occurs in the formation of hydrogen bromide, dis¬ 
cussed in Section 11.1, where its rate is shown to be 

log k = —17,640/4.575 T + 12.308 + 0.5 log T 

The difference between 17,640 cal., the observed energy of activation, and 
the heat absorbed is perhaps slightly larger than the error in these quan¬ 
tities ; the effective diameter corresponding to the observed rate is 0.86 X 
ICh 8 cm.; this value would, of course, be changed considerably by a small 
change in the energy of activation. 

The reactions (2) and (3) have been investigated in a rather circuitous 
fashion by Polanyi; 34 it proves possible to start chains in hydrogen- 
chlorine mixtures by the addition of zinc or cadmium vapor, and it is to 
be supposed that these chains are initiated by the reactions given. It is 
found that at high enough pressure the inductive effect is independent of 
both pressure and temperature, but that at lower pressure it increases 
with both of these variables. The obvious explanation is that the reactions 
take place only at a small temperature-dependent fraction of all collisions, 
and that at lower pressures the metal atoms may diffuse to the walls and 
be lost to the reaction. Polanyi calculates from a knowledge of the 
diffusion constants (the details of the calculation have not been published) 
that in the case of zinc, (2) takes place at one collision out of 5,000, at 
300° C. This fraction corresponds to an activation energy of about 
9,700 cal. Likewise it is found that (3) takes place at every 100,000th 
collision, giving an energy of activation of 12,500 cal. 35 

The results for (4) and (5) are discussed in Section 11.46. The ex¬ 
perimental energy of activation for (4) is 6,250 cal.; it is very probable 
that the actual heat effect is about of this order, rather than 8,600 cal. 
as calculated; this calculated value depends upon the heat of vaporization 
for NaCl, which is not very well established. The observed rate con¬ 
stant corresponds to a diameter of about 6 X 10~ 8 cm. when the activation 

34 Polanyi, Trans . Faraday Soc ., 24 : 606 (1928). 

85 Polanyi makes some calculations designed to show that these reactions are 
actually endothermic to just about the extent suggested by the observed activation 
energies; these calculations contain a numerical error which destroys the agreement. 
Herr Polanyi has kindly informed me that experiments on sodium-cadmium chloride 
flames which are as yet unpublished lead to essentially the same result as did the 
erroneous calculations. 
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energy is taken as 6,250 cal.; if the larger value 8,600 cal. is used, the 
necessary diameter is 15 X 10" s cm., which is rather greater than is to be 
expected for an endothermic reaction. The activation energy for (5) 
has not been measured. If it is assumed to be 1,450 cal., the diameter 
comes out 4 X 10~ 8 cm., which is a reasonable value. 

8 .6. Metatheses Which Bo Not Involve a Free Atom.—We have 
now to consider a class of reactions which are somewhat better known to 
chemistry than are those of the preceding section. These reactions nor¬ 
mally require a considerable energy of activation whose magnitude is not 
at all predictable from a knowledge of the heat effect. Reactions of this 
character are subject to direct observation and in the absence of compli¬ 
cating factors are found to be second order. 

8.61. The Decomposition of Hydrogen Iodide.—This reaction has 
been very carefully studied, and is usually considered the best-established 
example of a second order gas reaction. The fundamental investigation 
is that of Bodenstein, 36 who measured at the same time the reverse rate 
and the equilibrium. Bodenstein used for the most part soft glass vessels; 
the reaction was found to be homogeneous in these vessels, but there was 
a loss of hydrogen iodide due to reaction with the glass; this loss was 
approximately independent of the pressure and of the time of heating, 
but it must have increased somewhat with longer periods of heating, since 
it was larger in the low temperature experiments. In vessels of Jena 
normal glass or Schott and Genossen bomb glass the loss was much less 
than in the soft glass vessels. In any case this loss was small enough so 
that after it was discovered suitable correction could be made. 

Both the decomposition and the formation are found to be second order 
reactions, though the range of initial pressures used by Bodenstein is 
not as great as might have been desired. In calculating the reaction rate 
constants it is necessary to correct for the reverse rate. The differential 
equation which gives the rate of change is 

£=*(.-»)*-*, (§y 

where a is the initial concentration of hydrogen iodide, and k and k ± are 
the forward and reverse rate constants. The unknown k x can be elim¬ 
inated if the equilibrium is known, since 



86 Bodenstein, Z. physik . Chem. } 13:56 (1894); 22:1 (1897); 29:295 (1898). 
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where £ is the fractional dissociation at equilibrium. Then, writing 


we obtain 


which gives 


l-£ 

£ 





dx 

T+(‘-«(!)' 



kordt 



(1 — jS) f — 1 

u> 

(1 + /S )£__1 


When C is restored to the equation it takes essentially the form used by 
Bodenstein 


'2af(l — t) 


log 


£ — #(2C— 1) 




Bodenstein measured the reaction rate between the temperatures 283° 
and 508° C. His results are given in Table III. Bodenstein himself 
never attempted to represent these measurements by a simple exponential 
temperature dependence, but used instead the empirical formulas 


log k = A/T + B log T + C (1) 

and 

logk — A/T + BlogT+ CT + D (2) 

Although the two formulas gave about equally good agreement with his 
experimental values, he preferred the second, since the equilibrium con¬ 
stants seemed to require a formula of that type. Most authors have stated 
that the experimental results can be fitted by an Arrhenius type equation, 
and deduced values for the activation energy of about 44,(XX) cal. 37 It has 
been pointed out recently 38 that the experimental results cannot be satis¬ 
factorily represented by the Arrhenius equation, and that a more complex 
form must be used. This is shown clearly by Table III. 


87 W. C. M. Lewis, /. Chew, Soc., 113:471 (1918). C. N. Hinshelwood, 
“Kinetics/ 1 Oxford, Oxford University Press, p. 53. Kistiakowsky, /. Am , Chew. 
Soc., 50:2315 (1928). 

38 Kassel, Proc , Natl Acad. Sci. , 16: 358 (1930). 
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Table III. Decomposition of hydrogen iodide. 


logio logio 


T 

logio kobs. 

&calc, X 

A 

^caic. n 

A 

781° K. 

1.597 

1.523 

— 0.074 

1.596 

— 0.001 

716 

0.398 

0.393 

— 0.005 

0.391 

— 0.007 

700 

0.063 

0.084 

+ 0.021 

0.068 

+ 0.005 

683 

— 0.291 

— 0.262 

-}- 0.029 

— 0.287 

+ 0.004 

666 

— 0.659 

— 0.624 

+ 0.035 

— 0.656 

+ 0.003 

647 

—1.066 

—1.052 

+ 0.014 

—1.087 

— 0.021 

629 

—1.520 

—1.481 

+ 0.039 

— 1.511 

+ 0.009 

575 

— 2.915 

— 2.926 

— 0.011 

— 2.911 

+ 0.004 

556 

— 3.4S4 

— 3.501 

— 0.047 

— 3.453 

+ 0.001 


Here the reaction rates are given in the units cc. mole’ 1 sec.’ 1 

The equations from which the calculated values are obtained are 

logio &caic. i = — 9555 /T + 0.5 log T - f- 12.311 (3) 

log 10 ^caic. II = - 5196/r + 16 log T - 38.032 (4) 

It can be seen at once that the deviations from the first of these equations 
are systematic; the second equation, on the other hand, provides a repre¬ 
sentation which is, at any rate, as good as the experimental accuracy justi¬ 
fies. In fitting these equations to the experimental data the coefficient of 
log T has first been determined and the other coefficients have then been 
found by least squares; in the case of the first equation the coefficient 0.5 
for log T is required to take account of the dependence of the number 
of collisions on the temperature and the equation given is therefore the 
best possible of its type; a suitable coefficient for log T in the second 
equation has been found by trial, the value chosen being nearly the same 
as that used by Bodenstein, 15.865; since this does not represent the best 
possible choice, a slightly better fit might be found in this case. 

The first of the empirical equations may be written in the form 

fccaic. i = 2.05 -X 10 12 T*r* m */x* 

The simple theory leading to this equation requires that the rate at which 
hydrogen iodide molecules enter into collision shall be 2.05 X 10 12 T * cc. 
mole’ 1 sec.’ 1 , and this corresponds to a diameter of 2.43 X 10’ 8 cm. for 
hydrogen iodide. If the same type of equation is fitted to the experiments 
made from 781° to 660° K. only, there is found 

k cai c . = 1.13 x 10 13 Th-^/RT 

which gives on the simple theory a diameter of 5.70 X 10’ 8 cm. If the 
experiments from 666° to 556° K. are used the equation is 

fecaic = 7.40 X 10 11 Th-^/RT 
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and the appropriate diameter is only 1.46 X 10~ s cm. These calculations 
show clearly that the energy of activation is very far from being a con¬ 
stant, since it is increasing at the rate of about 35 cal./degree over the 
temperature range of these experiments, and that it is not at all justified 
to compare a molecule diameter calculated from the simple theory of 
Section 3,5 with a diameter obtained in some other way, since a fourfold 
change in the calculated diameter can be produced simply by changing the 
temperature range to which it applies. 

The more general treatment given in Section 3.53 furnishes a suitable 
descriptive scheme for the experimental data. This treatment permits the 
energy of activation to increase linearly with the temperature at tempera¬ 
tures sufficiently low, but requires that this increase shall be limited; thus 
the theory asserts that the empirical formula (4) must fail at temperatures 
high enough, the actual rates becoming less than those predicted; further¬ 
more, the theory predicts roughly the temperature for which this failure 
shall become significant. If we suppose that the activation energy resides 
in six squared terms, that the suitable diameter is 3.3 X 10' 8 cm., and that 
the empirical formula (4) gives an exact representation of the rate at 
low temperatures, then we can calculate that at 791° K., the highest 
experimental temperature, the rate should be only 0.861 that of the 
formula; this ratio is conveniently designated k/k °. It is clear that this 
result is not satisfactory, since we should require k/k° to be at least 0.95 
at this temperature. If a cross section three times as great is taken, giving 
a diameter of 5.72 X 10~ 8 cm., the calculated value of k/k° is increased 
to 0.918. Still further increases might be produced by using yet larger 
values for the diameter, but that chosen is about as great as would seem 
safe to assume; the results can be improved also by modifying the em¬ 
pirical equation; thus we may take 

log fccaic. = - 6091/T + 13 log T - 28.264 (5) 

This gives an agreement with experiment about as good as that obtained 
with the earlier choice; the value found for k/k°, retaining the larger 
diameter, is 0.953 at 781° K.; at the higher temperatures 900°, 1000° and 
1100° K. the values are 0.855, 0.735 and 0.605. The calculated energies 
of activation for the ranges 781° to 900° K., 900° to 1000° K. and 1000° to 
1100° K. are 48,932 cal., 51,045 cal. and 52,842 cal. These figures sug¬ 
gest that if the experiments can be carried out accurately at temperatures 
even a little higher than those reached by Bodenstein, the failure of (5) 
should become evident. The results given do not, however, represent the 
largest possible values for k/k°. Thus if we use a model with seven 
squared terms instead of six, keeping everything else the same, the value 
at 781° is increased from 0.953 to 0.973. 
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More recently the decomposition of hydrogen iodide has been studied 
by Taylor, 3Q who found that there was a considerable wall reaction in 
vessels of Pyrex glass, and by Lewis and Rideal, 40 who reported that the 
equilibrium was shifted to almost complete decomposition by extreme 
drying. This idea was overthrown by Bodenstein and Jost; 41 Lewis and 
Rideal had heated hydrogen iodide in bulbs containing phosphorus pent- 
oxide and followed the reaction by determining the iodine liberated; 
Bodenstein and Jost, using a similar technique, determined both iodine 
and hydrogen, finding a ratio of about 12:1; this showed clearly what 
they had expected, that the phosphorus pentoxide was able to oxidize 
hydrogen iodide, and that this was the dominant reaction. 

Kistiakowsky 42 has studied the decomposition of hydrogen iodide over 
a wide range of concentration, from 0.02 to 7 moles/liter; up to about 
1 mole/liter the reaction remains second order, but at higher pressures 
the rate increases somewhat faster than the concentration. Within the 
accuracy of the experiments this increase can be represented by writing 
for the second order constant at any pressure 

* = V(1 -Nb) (6) 

where N is the number of moles/cc., b a constant similar to the van der 
Waals' b y and k 0 the rate at low pressure; since in Kistiakowsky's experi¬ 
ments only the initial rates were measured, the second order constant can 
be considered fixed for each run. This equation can be recast into the 
more convenient form 

1/k = l/k 0 - Nb/k o (7) 

It is seen at once that a plot of 1/k against N will give a straight line, 
and that from the slope and intercept of this line the quantities k Q and b 
may be found. 43 In Figure 6 such a plot is given; the light circles indi¬ 
cate the results of measurements made near 321.4° C. and corrected to 
that temperature, while the dark circles correspond to measurements at 
300° C.; in the latter case the observed rates have been multiplied by 
3.98 to bring them onto the same part of the plot. The line marked A 
corresponds to the values k 0 = 3.95 X 10~ 3 cc. mole" 1 seer 1 and b = 47 cc. 
mole" 1 , which Kistiakowsky has selected as best; the line B is that which 
seems best in the light of the present analysis; it corresponds to k 0 = 
3.88 X 10- 3 cc. mole- 1 seer 1 and b = 49 cc. mole' 1 . The interpolated rate 

39 H. A. Taylor, /. Phys. Chem ., 28: 984 (1924). 

40 B. Lewis and Rideal, I. Am . Chem. Soc 48:2553 (1926). 

41 Bodenstein and Jost, /. Am. Chem. Soc., 49:1416 (1927). 

42 Kistiakowsky, J. Am. Chem. Soc 50:2315 (1928). 

43 Kistiakowsky has given (6) but he has not put it into the form (7) ; the treat¬ 
ment given here leads to slight changes in his numerical values, none of which is 
of much importance. 
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constant from Bodenstein’s experiments is 4.09 X 10" 3 cc. mole -1 seer 1 ; 
this is to be compared with k 0 , since it was determined at about 0.4 mole/ 
liter, where the correction is only 0.1 per cent; Kistiakowsky’s value is 
thus about 5 per cent less than Bodenstein’s, an agreement well within 
the experimental error. The experiments at 300° C. are hardly numerous 
enough to yield any definite results; in Figure 6 the correction factor 
for the rates, 3.98, has been so chosen that the intercept seems to be the 
same as for the higher temperature, corresponding now to a rate of 



Figure 6. 

Decomposition of hydrogen iodide at high pressures, according to Kistiakowsky. 
The light circles represent measurements at 321.4° C., the dark circles at 300° C.; 
the rates in the latter case have been multiplied by 3.98 to bring the points onto the 
same region of the graph. The line marked A is based on the values of ko and b 
chosen by Kistiakowsky; that marked B on the values adopted by the author. 

9.76 X 10" 4 cc. mole -1 sec." 1 , while the slope would suggest for b the value 
64 cc. mole -1 ; the probable error of this value is so large that we cannot 
recognize with any certainty a change of b with temperature. Boden- 
stein's value at 300° is 10.71 X 10" 4 cc. mole -1 seer 1 , nearly 10 per cent 
greater than that we have found here; Kistiakowsky’s treatment of his 
data leads to the value 10.26 'X 10 -4 ; this is certainly not the best value, 
but it is by no means excluded. Both here and in Kistiakowsky’s analy¬ 
sis the experiments made at concentrations greater than 4.5 moles/liter 
have been omitted, since for them Nb is becoming comparable in magni¬ 
tude with unity, and the simple correction is no longer sufficient; the 
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results would not be much changed, however, if these experiments were 
to be taken into account. 

The conclusions which can be drawn from these high pressure experi¬ 
ments seem to be about as follows. First, Bodenstein’s measurements 
have been confirmed, using a different source of hydrogen iodide and a 
different type of reaction vessel (quartz) ; second, it has been found that 
the reaction rate at high pressures is not proportional to the square of 
the concentration, but to a quantity which looks like the number of col¬ 
lisions, corrected for the volume of the molecules; this furnishes a very 
direct type of evidence that the reaction in question is bimolecular; third, 
the numerical value of this quantity has been measured, and found to be 
49 cc. mole -1 with an uncertainty of about 10 per cent at 321.4° C. 

Kistiakowsky identifies the b used here with the van der Waals’ b , 
which is four times the volume of the molecules; it is, however, fairly 
certain that the b which occurs here is twice that of van der Waals’ 
equation. 438, The identification of b with an eightfold molecular volume 
leads to a diameter of 2.7 X 1 Ch 8 cm., while Kistiakowsky’s choice gives 
3.4 X 10~ 8 cm. In either case, the correction must be traced back to 
the mutual impenetrability of the molecules, resulting in excluded regions 
in the phase space; the activated molecules do not appear to have any 
special prominence in the calculation, and Kistiakowsky’s hope that a 
comparison of the diameter determined in this way with the kinetic theory 
value might shed light on the nature of the activation process appears 
unfounded. The kinetic theory diameter, as calculated by Rankine 44 from 
viscosity measurements made by Harle 45 is 3.4 X 10~ 8 cm. This value 
is 26 per cent greater than that obtained from the value of b ; 'however, 
as pointed out by Jeans, 46 values of o based on deviations from Boyle’s 
Law (to which class Kistiakowsky’s value belongs) are uniformly smaller 
than those obtained from free path phenomena, such as viscosity. We 
must conclude, therefore, that the b determined in this way is just twice 

43a See, for example, the discussion of van der Waals’ equation in Jeans, “Dynami¬ 
cal Theory of Gases,” Cambridge, 1925, pp. 125-7. It is here stated that the proba¬ 
bility of finding one of N molecules confined to the volume v within a specified 
volume element dv which is not within a distance la of the boundary nor within 
the excluded sphere of any other molecule is N dv/[v —4/3*7ra 3 (i/ — 1)]; now in 
calculating the number of collisions in Section 1.4 we neglected the correction for the 
volume of the molecules; it is clear that when the correction is to be made the 
probability given above will replace the simple N dv/v. The gas pressure, however, 
is dependent not upon collisions between molecules, but on collisions between a mole¬ 
cule and the wall, and it turns out that the probability of finding a molecule in a 
small volume element at the distance la from the wall is N dv/[v — 2/3 vra 3 (N — 1) ]: 
hence the real van der Waals’ b is four times the volume o^ the molecules, but the 
volume correction to be made in calculating collision numbers is eight times this 
volume. 

44 Rankine, Trans. Faraday Soc 17:719 (1922). 

45 Harle, Proc. Roy. Soc., 100A-.429 (1922). 

46 Jeans, “Dynamical Theory of Gases,” Cambridge, Macmillan Co., 1925, p. 328. 
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the van der Waals’ b, as should be expected, and that it furnishes no 
information about either the process of activation or the diameter which 
should be used in calculating the rate of reaction. 

Kistiakowsky made two experiments in which special precautions were 
taken to obtain pure ; very dry hydrogen iodide; the rate in these experi¬ 
ments agreed with the others; most chemists would probably agree anyhow 
that water played no part in the reaction, and his technique is considered 
unsatisfactory by workers with intensively dried substances/ 7 so that not 
much importance can be attached to these experiments. 

8.62. The Formation of Hydrogen Iodide.—This reaction, the 
reverse of the preceding one, was studied by Bodenstein during the same 
investigation. 48 The results agreed well with thermodynamic require¬ 
ments, the reaction being second order, and the rate constants agreeing 
with the values calculated from the equilibrium constant and the rate of 
decomposition. In this case there are two initial concentrations which 
must be determined instead of one as in the decomposition, and as a result 
the measurements are somewhat less accurate. Nevertheless, they are 
good enough to show that the reaction rate does not have a simple ex¬ 
ponential temperature dependence, as is generally supposed; this may be 
seen from Table IV. 49 


Table IV. Formation of hydrogen iodide. 
T log 


° K. 

log &obs. 

log kcalc, 1 

A 

Acalc. n 

A 

781 

3.126 

3.082 

— 0.044 

3.130 

+ 0.004 

716 

2.146 

2.075 

— 0.071 

2.075 

— 0.071 

700 

1.808 

1.799 

— 0.009 

1.789 

— 0.019 

683 

1.391 

1.491 

+ 0.100 

1.476 

+ 0.085 

666 

1.151 

1.169 

+ 0.018 

1.149 

— 0.002 

647 

0.718 

0.787 

+ 0.069 

0.765 

+ 0.047 

629 

0.402 

0.404 

+ 0.002 

0.386 

— 0.016 

599 

— 0.264 

— 0.282 

— 0.018 

— 0.288 

— 0.024 

575 

— 0.880 

— 0.883 

— 0.003 

— 0.871 

+ 0.009 

556 

—1.352 

—1.396 

— 0.042 

— 1.362 

— 0.010 


The data of Bodenstein have here been expressed in our usual units, 
cc. mole -1 sec.-* 1 , with the constant corresponding to the equation 

d[m]/dt=k[H.*][h] 


The equations from which these calculated values are obtained are 

log fccaic. i = - 8499/T+ 0.5 log T + 12.518 (8) 

log Aw n = - 5678.5/r + 10.5 log T - 19.971 (9) 

47 J. W. Smith, “The Effects of Moisture on Chemical and Physical Change,” 
New York, Longmans, Green & Co., p. 73. 

48 Bodenstein, Z. physik. Chew., 13 : 56 (1894) ; 22:1 (1897) ; 29 : 295 (1898). 

49 Kassel, Proc . Natl. Acad. Sci. , 16:358 (1930). 
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It is clear that the deviations from the predictions of the first equation are 
systematic, while with the second equation the deviations are random. 
Application of the simple Hinshelwood theory gives an energy of activa¬ 
tion of 38,880 cal. and a diameter of 1.09 X 10" 8 cm. These values, of 
course, are no more significant than for the preceding case. 

8.63. The Decomposition of Nitrogen Dioxide.—This reaction has 
been studied by Bodenstein and Ramstetter. 60 It proceeds at a con¬ 
veniently measurable velocity at about 350° C. in accordance with the 
equation 

2N0 2 = 2NO + 0 2 

This reaction is, of course, reversible. Bodenstein and Ramstetter have 
not shown directly that the reaction they were measuring was homo¬ 
geneous, but since the rates they observed are in good agreement with 
values calculated from the equilibrium constant, and the known values 
for the homogeneous rate of the reverse reaction, there is no serious ques¬ 
tion as to the homogeneity of the decomposition under their experimental 
conditions. Good second order constants are obtained. The experimental 
results are summarized in Table V, 


Table V. Rate of decomposition of nitrogen dioxide. 


Temp. 

&obs. 

&calc. 

°K. 

cc. mole -1 sec. -1 

cc. mole -1 sec."* 1 

592 

522 

498 

603.5 

755 

775 

627 

1700 

1810 

651.5 

4020 

4110 

656 

5030 

4740 


These rate constants apply to the equation 

—- d[N0 2 ]/d£ = fe[N0 2 ] 2 

The calculated values are obtained from 

log k — — 5805.8/r + 0.5 log T+ 11.118 (10) 

This simple Arrhenius equation corresponds to an energy of activation 
of 26,560 cal. and to a diameter of 0.47 X 10~ 8 cm. These results differ 
considerably from those usually quoted. Bodenstein and Ramstetter did 
not calculate an energy of activation, but they did tabulate a quantity 
called k U io/kt for the four temperature intervals of their work; the num¬ 
bers they give are actually ten times the logarithms of the usual ten-degree 

50 Bodenstein and Ramstetter, Z. physik. Chem., 100:106 (1922). 
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temperature coefficient; Norrish 51 has made the natural error of assuming 
that this quantity is itself the usual temperature coefficient, and calcu¬ 
lating an energy of activation from it; he thus obtained 32,000 cal.; this 
value has been accepted by Hinshelwood 52 also. 

It is possible to calculate the rate of this reaction at temperatures 
somewhat lower than those at which it has been measured. For this pur¬ 
pose we use the data of Bodenstein and Lindner 53 on the equilibrium. 
These workers found that over their entire experimental range, 500° to 
825° K., the equilibrium constant was given very exactly by 

log K p (atmospheres) = - 5749/T + 1.75 log T - 0.00050 T + 2.839 54 

When the constant is expressed in the usual units of mole/cc. the equation 
becomes 

log K = - 5749/T + 0.75 log T - 0.00050 T + 0.925 (11) 

By means of this equation, and the rates for the reverse reaction given in 
Section 9.1 it is possible to calculate the data of Table VI. 


Table VI. Rate of decomposition of nitrogen dioxide. 


Temp. 

° K. 

kobB. 

kobs. t r 

kc&lc. 

661.9 


5380 

5450 

656 

5030 


4560 

651.5 

4020 


3980 

627 

1700 


1830 

613.2 


1220 

1150 

603.5 

755 


820 

592 

522 


540 

563.5 


181 

181 

514.2 


20.3 

20.0 

470 


1.94 

1.91 


Here the rates given in the second column are again those found by direct observation, 
those in the third column are computed from the inverse rate, and those in the fourth 
column are calculated from the Arrhenius equation 

log k = — 5480/T + 0.5 log T + 10.604 
The rates are expressed in cc. mole*** 1 sec. -1 

The data over this more extended range thus lead to a slightly different 
equation, with corresponding values for the energy of activation of 25,070 
cal. and 0.26 X 10‘ 8 cm. for the diameter. 

These figures do not show strongly the tendency to an increasing 

61 Norrish, Nature , 122:923 (1928). 

52 C. N. Hinshelwood, “Kinetics,” Oxford, Oxford University Press, p. 72. 

53 Bodenstein and Lindner, Z . physik. Chem 100:82 (1922). 

54 The equation is printed with the incorrect coefficient, 1.70, for log T ; it is clear 
that the intention is 1.75. 
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energy of activation that the other simple second order reactions do, but 
the very small diameter which is found represents a failure of the simple 
theory of these processes of a different type. A diameter of this magnitude 
is of course perfectly acceptable to the general theory, though there is no 
basis as yet for its prediction. 

8.64. The Decomposition of Nitrosyl Chloride.—This reaction, 
2NOC1 = 2NO~f- Cl 2 , has been studied somewhat by Taylor and Dens- 
low. 55 The methods which they have used are capable of giving only 
approximate results; 58 they find that at 1020° K. 

- d[NOCl]/dt = &[NOCl] 2 
k = 8.3 X 10 8 cc. mole" 1 seer 1 

This value is very probably somewhat low. 

By combining the data of Section 9.2 on the formation of nitrosyl 
chloride from NO and Cl 2 with the equilibrium measurements of Trautz 
and Wachenheim, 57 it is possible to calculate rate constants for the decom¬ 
position at somewhat lower temperatures. The data of Trautz and 
Wachenheim extend over the range 450° to 750° K.; it is found that 

log Kz= — 3 667/T + 1.5 log T - 3.079 mole/cc. (12) 

where 

K= [NO] 2 [Cl 2 ]/[NOCl] 2 

It may readily be seen that the k used here is connected with K and with 
the &form of Section 9.2 by the relation k — 2kt orm K. It is then possible 
to calculate the results shown in Table VII. 


Table VII. Decomposition of nitrosyl chloride. 


Temp. 

°K. 

ktorm 

K 

k 

keqn 

451.1 

1.82 X 10 s 

5.93 X 10-8 

21.6 

20.7 

505.8 

4.S3 

53.3 

482 

502 

528.4 

6.65 

116 

1440 

1550 

566,4 

11.30 

377 

8520 

8450 


Here the second column gives the values of ktorm taken from Section 9.2, the obviously 
inaccurate result at 473.9° K. being omitted; the third column gives the equilibrium 
constant calculated from the equation; the fourth column gives the rate constants for 
the decomposition calculated from the relation k — 2Kktorm and the fifth column gives 
the values for those constants predicted by the equation 

log k = - 5680/T + 0.5 log T + 12.579 (13) 

All of these constants are expressed in the usual units, cc., mole, sec. 

55 H. A. Taylor and Denslow, I. Phys. Chem. } 31:374 (1927). 

56 Most of the objections center about the fact that the reaction is reversible; thus 
in calculating rate constants they have not corrected for the reverse rate; in any 
case this could be done only roughlysince they worked at temperatures above those 
for which the equilibrium constant is known; also, they used a flow method, and 
considerable difficulty was found in preventing recombination outside of the furnace. 

57 Trautz and Wachenheim, Z. anorg . Chem., 97:241 (1916). 
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When the simple Arrhenius equation which fits the calculated rate 
constants near 500° K. is used to obtain an extrapolated rate at 1020° K., 
the result found is 3.3 X 10 s cc. mole -1 sec. -1 . This result is lower than 
that found by Taylor and Denslow, though it is probably within the error 
of the extrapolation. The simple equation corresponds to an energy of 
activation of 25,986 cal., and to a diameter of 2.82 X 10 -8 cm. 

The equilibrium has been redetermined very recently by Dixon 57a in 
an all-glass apparatus; there is no doubt that his values are superior to 
those of Trautz and Wachenheim, but the difference is unimportant for 
the present purposes; when Dixon’s data are used, the calculated energy 
of activation comes out 24,700 cal., and the extrapolated rate at 1020° K., 
1.7 X 10 8 cc. mole -1 seer 1 

8.65. The Formation of Hydrogen Sulfide.—All of the second order 
reactions which are moderately free from complications have now been dis¬ 
cussed. Several further reactions commonly called second order will be 
included in this chapter, with the understanding that they are given here 
rather than in Chapter XI, not because they are not complex, but because 
their complexities have not been unravelled. The first of these reactions 
is the formation of hydrogen sulfide; the reaction is inconveniently rapid 
at temperatures above the boiling point of sulfur, and in consequence all 
of the work has been done in the presence of liquid sulfur. Pelabon 68 
found in this reaction one of his examples of false equilibrium; this error 
was corrected by Bodenstein, 59 who showed that the reaction was mainly 
heterogeneous. Somewhat more recently the system has been extensively 
studied by Norrish and Rideal, 60 who have used a dynamic method, thus 
reducing the difficulties arising from the solubility of hydrogen sulfide 
in molten sulfur. These workers have used two different hydrogen con¬ 
centrations, at a series of temperatures; they find that under the assump¬ 
tion of a gas reaction between hydrogen and sulfur vapor whose rate is 
proportional to the concentration of hydrogen and of sulfur, and a wall 
reaction whose rate is independent of the concentration of hydrogen, both 
rates obeying a simple Arrhenius equation, their observed conversions of 
hydrogen into hydrogen sulfide can be reproduced. The resolution into 
a homogeneous and a heterogeneous part may probably be done as they 
suggest, with a fair accuracy, but the proof that such a resolution is sig¬ 
nificant could have been more elegantly given by using a series of different 

B7a Dixon, Z. physik . Chem., Bodenstein-Band, 679 (1931), 

58 Pelabon, Compt. rend., 124 : 686 (1897). 

59 Bodenstein, Z. physik . Chem., 29: 315 (1899). 

60 Norrish and Rideal, /. Chem. Soc., 123 : 696, 1689, 3202 (1923); 125 : 2070 
(1924). The first two of these articles are the only ones which have much application 
to the gas reaction. 



160 KINETICS OF HOMOGENEOUS GAS REACTIONS 


hydrogen pressures. The details of the calculations are shown in 
Table VIII. 

Table VIII. Formation of hydrogen sulfide. 

-Grams HaS per sec. X 10 s - 



Obs., 

Obs., 

Calc., 

Calc., 

Calc., 

Calc. 


0.810 

0.304 

0.506 

0.810 

0.304 

wall 

Temp. 

atm. 

atm. 

atm. 

atm. 

atm. 

reaction 

° C. 

h 3 

Ha 

H a 

Ha 

Ha 


265 

1.02 

0.82 

0.20 

0.32 

0.12 

0.70 

285 

3.31 

2.21 

1.10 

1.76 

0.66 

1.55 

305 

17.2 

6.49 

10.7 

17.1 

6.43 

0.06 

325 

48.1 

23.0 

25.1 

40.2 

15.1 

7.9 

340 

157.0 

67.8 

89.2 

142.8 

53.6 

14.2 


The second and third columns give the actual observed rates of formation of 
hydrogen sulfide at the partial pressures of hydrogen stated. The fourth column gives 
the assumed homogeneous rate, for the hydrogen partial pressure given, which is the 
difference of those for the preceding columns; the rates in this column are also the 
difference of those in the preceding two. The fifth and sixth columns give the 
assumed rates at the partial pressures actually used, of the homogeneous reaction, 
calculated on the assumption that its rate is proportional to the hydrogen pressure. 
The seventh column gives the calculated surface reaction, obtained by taking the 
difference of the entries in the fifth and second columns, or alternatively, of those in 
the sixth and third; these two sets of differences have been made the same by the 
treatment given, and their equality is not, as Norrish and Rideal erroneously suppose, 
an argument for the validity of this decomposition into homogeneous rates. It will 
be noted that at 305° there is an obvious error; this error is in the rate at 0.810 
atm. partial pressure, as can be seen by plotting the experimental results. The data 
at this temperature will be omitted in the following discussion. 


The rates given in the fourth and seventh columns of Table VIII are 
now found to have an exponential temperature dependence. This is shown 
by Table IX. 

Table IX. Formation of hydrogen sulfide. 

Gas rate X 10 8 Wall rate X 10 s 


Temp. 

°C. 

265 

Obs. 

Calc. 

Obs. 

Calc. 

0.20 

1 11 ..vJl cllllb 

0.19 

0.70 

0.67 

285 

1.10 

1.13 

1.55 

1.63 

325 

25.1 

27.3 

7.9 

8.0 

340 

89.2 

81.1 

14.2 

13.8 


The equation from which the gas rate is calculated is 

log grams H 2 S/sec. = - 11,53 7JT + 12.730 (14) 

This equation is for hydrogen at a partial pressure of 0.506 atm. and sulfur 
at its vapor pressure at the temperature used, with a gas volume of 
73.6 cc. The surface rate is calculated from the equation 

log grams H 2 S/sec. = — 5759.4/T + 2.534 (15) 


it applies to a surface of 95.9 cm. 2 
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As a further proof that the reaction may be analyzed as they have 
done, and also that the surface reaction is actually proportional to the 
glass surface of the vessel, Norrish and Rideal present the results of 
static experiments made in vessels of five different sizes. In these experi¬ 
ments the temperature was 250° C., the hydrogen pressure one atmosphere, 
and the heating time three hours, to which must be added the time needed 
for cooling the vessel in a stream of hydrogen. The manner in which the 
results are treated is not quite clearly indicated in the original article, but 
has subsequently been explained by Norrish. 61 One of the five vessels 
used here was that used in the dynamic experiments. From the results 
of these experiments it was calculated that the gas reaction would produce 
0.1215 X 10” 4 grams H 2 S and the surface reaction 0.430 *X 10" 4 grams 
H 2 S; the total amount to be expected is therefore 0.5515 X 10~ 4 grams; 
the amount found was 0.706 X 10~ 4 grams. Norrish and Rideal then 
assume that the greater amount is due to reaction during cooling and pos¬ 
sibly to other effects which are different in the new series. They there¬ 
fore correct all calculated values by the factor 0.706/0.5515. When this 
is done, good agreement is obtained; the results are given in Table X, 
which is taken from Table IV of their article; in their Table the headings 
of the last four columns are misprinted Grams of H 2 S X 10 5 , and the 
volume of the 119 cc. flask is also misprinted. 

Table X. Formation of hydrogen sulfide at 250 ° C. 


H 3 S X 10 4 , calc. 


Surface 

cm. 2 

218 

Volume 

cc. 

259 

Surface 

Volume 

Total 

H*S X 10 4 , obs. 

1.2S 

■ 11 .. vjrictiiio" 

0.55 

1.80 

1.83 

169 

172 

0.97 

0.36 

1.33 

1.35 

130 

119 

0.75 

0.25 

1.00 

1.00 

95.9 

73.6 

0.55 

0.156 

0.706 

0.706 

61.5 

33.5 

0.352 

0.071 

0.423 

0.538 


It may be noted that the coefficient of 1 /T in the empirical equation 
for the gas reaction is almost exactly twice that for the wall reaction. 
Norrish and Rideal lay considerable stress on this factor, but it seems 
doubtful whether any real significance should be attached to it. For the 
gas reaction, it must be remembered, no experiments have been made with 
varying concentrations of sulfur vapor at a constant temperature, and the 
temperature coefficient thus contains a factor arising from the vapor pres¬ 
sure of sulfur and probably several more associated with the various 
equilibria in sulfur vapor; what terms enter into the temperature coefficient 
of the wall reaction it is impossible even to guess. 

It is possible to see at any rate that sulfur atoms probably do not 


61 Norrish, private communication. 
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initiate the reaction, as had been suggested by Norrish and Rideal. The 
entire temperature coefficient of the gas reaction corresponds to 52,000 cal. 
From the data of Preuner and Schupp 62 it is possible to calculate a rather 
uncertain value for the heat of vaporization of S 2 at about 350° C., namely 
28,000 cal. The heat of dissociation of S 2 is somewhat better known, 
being 102,500 cal. Thus the heat of vaporization of S atoms from liquid 
sulfur at 350° C. must be about 65,000 cal. Since it is very unlikely that 
the true reaction has a negative temperature coefficient, the suggestion 
that sulfur atoms are involved must be dismissed. It is not possible to 
determine from the data given whether S 2 , S 6 or S 8 is responsible for the 
reaction, so that no rate calculation can be made . 63 

8 .66. The Formation and Decomposition o£ Nitric Oxide.—The 
former of these reactions has been studied by Nernst 64 and the latter by 
Jellinek . 65 Re-examination of the data shows that the reactions are surely 
heterogeneous at lower temperatures, but that above 1500° C. they may 
have obtained rates that were essentially homogeneous; this is certainly 
not proved, however. The reactions are both second order in any case. 
It is very doubtful whether a further investigation of these reactions 
would be worth while from the reaction rate standpoint, particularly since 
the accuracy attainable in this temperature range could scarcely be very 
good. 

8 . 67 . The Decomposition o£ Nitrous Oxide.—This reaction has 
long been classed with other second order reactions. Recent work seems 
to show, however, that the decomposition is unimolecular, and that the 
measurements have been made in a pressure range where the rate has 
fallen off nearly to second order. The data will therefore be discussed in 
Section 10.7. 

8.7. Homogeneous Catalyses.—Hinshelwood and his students have 
recently discovered a number of examples of catalytic reactions which are 
kinetically second order. It is not at all certain that these reactions do 
not involve a complex mechanism, but there is no evidence for such a 
view, and they will therefore be considered here. 

62 Preuner and Schupp, Z. physik. Chem., 68:129 (1909). 

? s Norrish and Rideal did not forget to correct their experimental energy of acti¬ 
vation for the heat of vaporization of sulfur, but they made the correction erroneously. 
Their method assumed implicitly that (S) V(Ss) = K was independent of temperature, 
that is, that the heat of dissociation of gaseous Sa was zero; this is, of course, far 
from the truth, and led to an error of more than 60,000 cal. 

64 Nernst, Z. anorg. Chem., 49:213 (1906). 

65 Jellinek, Z. anorg. Chem., 49: 229 (1906). 
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8.71. The Iodine Catalyzed Decomposition of Isopropyl Ether.— 
This reaction has been studied by Glass and Hinshelwood; 66 the decompo¬ 
sition of the ether alone is a first order reaction, which will be considered 
in Section 10.45; it is there seen that the decomposition occurs at about 
550° C., at least approximately in accord with the equation 

(CH 3 ) 2 CHOCH(CH 3 ) 2 = CO + 3CH 4 + iQH* + C 

the energy of activation is about 60,500 cal., and about 26 squared terms 
are the minimum needed to account for the maintenance of the rate down 
to the lowest pressures reached. In the presence of moderate quantities 
of decomposed isopropyl iodide, however, Glass and Hinshelwood find 
that the decomposition is measurable even at 300° G, that it is first order 
with respect to the ether and also with respect to the iodide, that the energy 
of activation is about 29,000 cal., and that the reaction is 

(CH 3 ) 2 CHOCH(CH 3 ) 2 = C 3 H S + CH a COCH s 

They were able to show that the other decomposition products of the 
iodide, propane and propylene, were without effect, and also that the iodine 
was recovered unchanged. 

It is found that for the range 360° to 419° C., the rate of the decom¬ 
position can be represented by 

— d [ether] /dt = k [ether] [I 2 ] 

k — 2.37 X 10 12 -v/Te- 2830 ®/*r ^ 16 ^ 

If this is interpreted as a simple Arrhenius equation, the corresponding 
diameter is found to be 3.3 X 10 -8 cm. 

The effects of a number of other catalysts have been studied by Clusius 
and Hinshelwood/ 67 It is found that w^propyl iodide itself is a catalyst, 
though a less efficient one than the iodine into which it decomposes; ethyl 
iodide is still less efficient; at 333° C. the rate with ethyl iodide is only 
about 30 per cent that with isopropyl iodide. The catalytic activity of 
methyl iodide is very small; although methyl iodide itself is stable at the 
temperature of these experiments, the mixture of isopropyl ether and 
methyl iodide is unstable, both substances decomposing. The action of 
phenyl iodide is still less than that of methyl iodide. Alkyl bromides have 
a slight action of their own, about 50 times less than iodides; they decom¬ 
pose to give hydrogen bromide, which has a considerable activity. Neither 
chlorides nor hydrogen chloride had an appreciable effect. There is very 
little direct evidence that these catalyses are kinetically similar to that by 
iodine, though they may well be. 

60 Glass and Hinshelwood, /. Chem. Soc 1929:1815. 

07 Clusius and Hinshelwood, Proc. Roy. Soc., 128A: 75 (1930). 
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8.72. The Iodine Catalyzed Decomposition of Acetaldehyde.— 

The decomposition of acetaldehyde, to give methane and carbon monoxide, 
occurs at temperatures of about 500° C.; the reaction is probably of the 
five-thirds order, as seen in Section 11.8. In the presence of iodine a rapid 
decomposition takes place at 400° C. The decomposition is first order 
with respect to both the acetaldehyde and the iodine. The rate constant 
calculated from the data of Hinshelwood, Clusius and Hadman 68 is 

- d[CH a CHO]/* = £[CH 3 CHO] [I 2 ] 

k = &.9 X 10 13 VTe-* 250 °/ RT ^ 

On the simple interpretation of this reaction rate as Ze~ E / RT , it is found 
that the value of o is 1.4 X 10~ 7 cm.; since this result is somewhat large, 
Hinshelwood, Clusius and Hadman suggest that there are two degrees of 
freedom effective in the activation, instead of the single one upon which 
the simple calculation is based; this leads to a kinetic theory value of the 
diameter. 

At higher temperatures, various other substances are catalysts for this 
decomposition. Hinshelwood and Askey 69 find that both hydrogen and 
nitrogen are effective; extrapolation to 51S° C. shows that at that tem¬ 
perature the rate constant for the iodine catalysis would be about 10 5 
times as great as that for catalysis by these other gases. 

8.73. The Iodine Catalyzed Decomposition of Diethyl Ether.— 

This reaction has been studied by Clusius and Hinshelwood. 70 The pri¬ 
mary products are ethane and acetaldehyde; the acetaldehyde further 
decomposes in the manner just described. The rate constant for the 
acetaldehyde decomposition turns out to be about ten times that for 
diethyl ether, and since the former rate is known, it is possible to deter¬ 
mine the rate of the primary reaction without a greatly increased uncer¬ 
tainty. The result is 

-d[C 2 H 5 OC 2 H 5 ]/dt = ^[C 2 H 5 OC (2 H 5 ] [I 2 ] 

k = 2.80 X 10^VTr 34800 /^ ^ ' 

On the simple one degree of freedom interpretation, the corresponding 
diameter is 8.7 X 10~ 8 cm. 

68 Hinshelwood, Clusius and Hadman, Proc. Roy. Soc 128A:88 (1930). 

69 Hinshelwood and Askey, Proc. Roy. Soc., 116A: 163 (1927) ; also unpublished 
work referred to by Hinshelwood, Clusius and Hadman. 

70 Clusius and Hinshelwood, Proc. Roy. Soc., 128A:82 (1930). 



Chapter IX 
Third Order Reactions 


9 .1. The Oxidation of Nitric Oxide.—The investigation of this 
reaction seems to have had its origin in a dispute between Lunge and 
Raschig on the theory of the lead chamber process. In the course of their 
discussion both of these workers published experiments made by mixing 
streams of air and nitric oxide and after a short interval absorbing the 
formed higher oxides in a suitable solvent. In this way Raschig 1 found 
that the reaction went very rapidly until all the nitric oxide was converted 
to N 2 0 3 , and that further oxidation was much slower. Lunge and Berl, 2 
on the other hand, found a third order reaction, proceeding in accordance 
with the equation 

2N0 + 0 2 = 2N0 2 

with no evidence of N 2 0 3 formation. 

Bodenstein then became interested in the reaction, and began an in¬ 
vestigation of it from the standpoint of chemical kinetics. This work was 
done at intervals over a course of many years, with the assistance of 
Meinecke, of Frl. Wachenheim, and of Frl. Lindner. It was found 3 
that the reaction was actually third order, and that it had a small but 
definitely negative temperature coefficient. In these first experiments the 
oxygen pressures used ranged from about 3.5 to 13 mm. and the nitric 
oxide pressures from 7 to 15 mm.; the upper limit of pressure was fixed 
by the increasing speed of the reaction. The temperature range was 0° 
to 90° C. In later experiments 4 the upper limit of temperature was 
extended to 390° C. Throughout this entire range the temperature co¬ 
efficient remains negative, although it increases with temperature, and will 
apparently change sign at a temperature somewhat higher than those 
which have been reached. The results of this work are shown in Table XI. 

The reaction has been studied at very low temperatures, also, by 
Briner, Pfeiffer and Malet. 5 These workers used a flow method, usually 
with a large excess of inert gases; the details of the method varied for 

1 Raschig, Z. angew. Chem IS: 1281 (1905). 

2 Lunge and Berl, Z. angew. Chem., 19 : 861 (1906). 

3 Bodenstein, Z. Elektrochem 24:183 (1918). 

4 Bodenstein, Z. physik. Chem., 100:87 (1922). 

5 Briner, Pfeiffer and Malet, J. chim . phys., 21:25 (1924). 
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almost every temperature studied, and cannot be described here, lhe 
results are seemingly not very accurate, but are probably of the correct 
order of magnitude. The entire temperature range studied was +75° to 
—193° C., thus overlapping that of Bodenstein. Their results also are 
shown in Table XI. The agreement in absolute value within the common 
temperature region is as good as could be expected, but the data of Boden¬ 
stein indicate a temperature coefficient somewhat more negative than do 
those of Briner, Pfeiffer and Malet; this difference, however, may well 



Figure 7. 


The light circles are data of Bodenstein and Lindner, the dark circles data of 
Bodenstein and Wachenheim, the crosses data of Briner, Pfeiffer and Malet. The 
curves represent different possible extrapolations to higher temperatures, as discussed 
in the text. 


be within the experimental error. The data are also shown graphically 
in Figure 7. 

When the attempt is made to reverse the procedure of Section 8.64 
and calculate the rate of this reaction from the equilibrium and the rate 
of decomposition of nitrogen dioxide, the agreement is not good. Boden¬ 
stein and Ramstetter have attempted to improve it by the assumption of 
shifts in their temperature scale from one investigation to another, but 
the evidence for this is rather unconvincing. The actual uncertainty in 
this reversed calculation is of course no greater than in the direct one, 
but the quantity being computed is changing rather slowly with the tem¬ 
perature, so that a considerable accuracy is needed to establish the nature 
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Table XI. Rate of oxidation of nitric oxide. 


Observer 

Number of runs 

Temperature 

°K. 

k X 10-9 
cc. 2 mole -2 sec. -1 

BFM 

3 

80.1 

41.8 

a 

3 

90.1 

40.1 

a 

2 

143.1 

20.2 

u 

2 

163.1 

16.6 

a 

4 

193.1 

12.6 

a 

5 

228.1 

10.1 


5 

253.1 

8.62 

a 

5 

273.1 

7.88 

BW 

4 

273.1 

8.94 

BFM 

6 

293.1 

7.38 

BW 

9 

303.2 

7.06 

BFM 

6 

323.6 

6.62 

BW 

5 

333.2 

5.58 

BFM 

6 

348.1 

5.85 

BW 

6 

363.1 

4.51 

BL 

4 

413.4 

3.98 


6 

470.0 

3.34 


6 

514.2 

3.05 

u 

5 

563.6 

2.82 

u 

4 

613.2 

2.82 


5 

661.9 

2.54 


Here the first column indicates the observer, according to the scheme: BFM, 
Briner, Pfeiffer and Malet; BW, Bodenstein and Wachenheim; BL, Bodenstein and 
Lindner. The second column shows the number of runs made at or near the average 
temperature given in the third column, and the last column giv-es the specific reaction 
rates, corresponding to the equation *— d[0 2 ]/dt = fe[0 3 ][N0]*. 


of the change; the calculations lead to a minimum rate at a temperature 
of about 630° K., while the directly measured rate is still decreasing at 
660° K.; it is impossible to make any extrapolation without the aid of 
some theory, since the experimental points could be fitted by an ex¬ 
trapolation which had a minimum at 700° K., and equally well by one 
which had no minimum at all, but approached some asymptotic value. 

These results are in agreement with the theory of third order reac¬ 
tions discussed in Chapter IV. Consider first the experiments made by 
Bodenstein and his associates. Here the concentrations were always quite 
low, and the temperatures moderately high, so that the true third order 
rate ought to have been observed. The theory then predicts that the plot 
of log k against 1/T will be everywhere concave upwards. Figure 7 shows 
that this plot is very nearly a straight line, but that it does have a slight 
curvature in the predicted direction. For the entire temperature range 
above 0° C. the points fall nearly on a straight line, for which the slope is 
about 550. Now by (IV, 42) this slope is given by 

dink _ T(cp 0 — kT) E 

d ^~2(cp 0 + kT) k 
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We may suppose that this has the value 550 at 500° K. Now if cp 0 = 0, 
then E/k = —800 at this temperature while if (p Q = 150 k, E/k — —685. 
In either case we can extrapolate to higher temperatures with the assump¬ 
tion that E remains constant; actually, as T increases, E will become less 
negative, and the reaction rate will decrease more slowly or increase more 
rapidly than this calculation predicts. The result of the extrapolation is 
not much dependent on the value chosen for <p 0 ; if it is assumed that 
dE/dT = 0, it is found that the minimum rate is not reached until about 
1600° K., far beyond the limits of any possible experiment. If it is 
assumed, however, that dE/dT = 3/2 k, which is probably a reasonable 
value, the minimum rate is found to be at 775° K.; Figure 7 shows these 
extrapolations; it may be noticed that in any case the rate changes very 
slowly near the minimum for a range of several hundred degrees. 

We now consider the experiments of Briner, Pfeiffer and Malet. It 
may be seen from Figure 7 that down to 163° K. the experimental points 
are fitted fairly well by a straight line, but that below this temperature 
the observed rates are much too low to fall on the line. It seems probable, 
however, that these low values are caused by the use of concentrations so 
great that the true third order rate is not attainable. Thus we may 
consider Table XI of Briner, Pfeiffer and Malet. The runs given there 
were made at 90° K., with a pressure of 0.76 mm. nitric oxide and 160 mm. 
oxygen; this corresponds to 8.2 X 10 16 molecules per cc. of nitric oxide 
and 1.7 X 10 19 molecules per cc. of oxygen. We have now to calculate 
the chance that a particular molecule of nitric oxide will be in a pair. We 
do this by the approximate method of (IV, 39); we assume that the 
value of E/k which would be found at sufficient dilution may be obtained 
from the slope of the straight line part of Figure 7 and that it applies to 
pairs of nitric oxide and oxygen and also to pairs of two nitric oxide 
molecules; to be safe, we take E/k = —650, although it is likely to be 
somewhat less than this. Then e~ E ^ T is about 1,400; as a rough estimate 
the volume available for the center of the second molecule in the pair 
may be set equal to 400 X lO 24 cc.; it may then be calculated that the 
chance for a molecule of nitric oxide to be paired with another molecule 
of the same kind is only 0.046, and therefore small enough so that the 
theoretical number of pairs could exist; but the chance for nitric oxide 
to be paired with oxygen is 9.6, and the simple calculation, therefore, fails 
completely; this means that almost all of the nitric oxide will be present, 
under these conditions, in pairs with oxygen molecules, and that the num¬ 
ber of nitric oxide-nitric oxide pairs also will be much less than that 
calculated directly. We should expect, then, that the third order rate 
constants obtained under such conditions would be considerably less than 
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if the pressures had been lower; to observe the true low pressure rate, 
the oxygen pressure ought to be at most 1 mm. This type of calculation 
is able to predict approximately the temperature at which Briner, Pfeiffer 
and Malet’s results first fall below the curve, but the prediction is not very 
significant, since it is based upon too many estimated values. 

It is of interest to consider also the absolute rate of this reaction. We 
shall use for this purpose the results at fairly high temperatures, where 
most pairs are transient, and (IV, 40) gives a good approximation to the 
total number of triple collisions. We select the temperature 470° K., and 
take the values cp 0 = ISO ft, £=-685 k; then lcp Q /kT = 13 and 
e B/kT — 4-3. These values are both close enough to unity so that they 
cannot be much affected even by rather large errors in cp 0 and E. We use 
the same value as before for the volume available to the center of the 
second molecule in a pair, 400 X 10~ 24 cc. The value chosen for l 0 2 is 
10 -15 cm. 2 , which cannot be seriously in error. It is then found that the 
number of triple collisions is 4 X 10" 30 Vno 2 -V 0j? ; hence if reaction oc¬ 
curred at every triple collision the reaction rate constant would be (6.06 X 
10 23 ) 2 X 4'X lO" 30 = 10 18 ; the observed value is 10 9 ; we conclude that 
only about 10~ 9 of the triple collisions result in reaction. This figure is 
somewhat uncertain because of the estimated diameters upon which it is 
based, but these must be of the right order of magnitude and can scarcely 
produce more than a tenfold error. 

It is to be expected, of course, that the necessity for a suitable orienta¬ 
tion, and possibly for vibrational phase conditions, also, would result in a 
fairly small fraction of successful triple collisions, but a value as low as 
10" 9 can scarcely be produced by such causes. We are thus led to suppose 
that there is an intrinsic transition probability during the suitable portion 
of the collision. 

This reaction has been studied also by Kornfeld and Klingler. 6 They 
found that at low pressures, down to 1 mm., and room temperature, the 
rate constant agreed with that found by Bodenstein. They found also 
that in a magnetic field up to 16,000 gauss there was no change in the 
rate of reaction. All of the gases involved in this reaction are para¬ 
magnetic, but the susceptibility of the nitrogen dioxide is much less 
than that of either oxygen or nitric oxide; there is thus a considerable 
change in magnetic susceptibility associated with the occurrence of the 
reaction. This change is not large enough, however, to have any appre¬ 
ciable influence on the equilibrium, since even for a field of 16,000 gauss 
the free energy change produced by the field amounts to less than 100 
erg/mole. Any change in the rate would therefore have to arise, not from 
a shifted equilibrium, but from some direct effect, presumably due to 

6 Kornfeld and Klingler, Z. physik. Chem. } 4B:37 (1929). 
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altered orientations at collision. It is not easy to estimate a possible mag¬ 
nitude for an effect of this character. 

The interpretation of these results has required a value for E of 
—650 k, that is —8.9 X 10~ 14 ergs per molecule or —1,300 cal. per mole. 
It will be of interest to see whether the physical properties of nitric oxide 
indicate an attractive force great enough to account for this value. We 
shall apply the methods of Section 4.42 to the pressure-volume-tempera¬ 
ture relations for this gas, which have been studied by Briner, Biedermann 
and Rothen 7 for pressures between 30 and 160 atmospheres and tem¬ 
peratures between -f-9 and —78.6° C. These workers were interested in 
the possibility of the occurrence of (NO) 2 in the gas, but they concluded 
that there was no polymerization, since the nitric oxide did not depart 
as much from the perfect gas laws as did carbon dioxide or ethylene. 
They did not compute virial coefficients from their data, and indeed these 
are not well suited for that purpose; but since there is no other source of 
information about the intermolecular forces in nitric oxide, the attempt 
will be made to use these measurements. The pressures used are so high 
that we should expect it would be necessary to go beyond the second virial 
coefficient, but it does not prove useful to do this, since the values which 
are obtained for the third and higher coefficients fluctuate violently with 
the temperature, and do not even show any regularity in sign. The pro¬ 
cedure adopted is therefore to compute the ratio B v /A v from the relative 
densities at 30 atmospheres and at 1 atmosphere. The method by which 
this is done is evident. The results are given in Table XII. 

Table XII. Virial Coefficients for NO. 

T Bv/Av 

282° K. —0.001242 

253 —0,001709 

233 —- 0.002042 

213 — 0.002482 

194.4 — 0.003272 

We shall consider as an example the model (14J3, 5). For this par¬ 
ticular model the expansion of F(y) has been given by Lennard-Jones 8 
in a convenient form. It is 

F(y) = y 9 / 28 (1.1932 - 2.8857 y - 0,2667 y 2 - 0.0502 y s - 0.0095 y 4 
— 0.0017 y 5 — 0.0003 y 6 — . . .) 

By the use of this equation the values of F(y) given in Table XIII are 
easily calculated. 

7 Briner, Biedermann and Rothen, Helv. Chim. Acta, 8:923 (1925). 

8 Lennard-Jones, Proc . Roy . Soc ., 106A:47Q (1924). 
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y 

Table XIII. 

F(y) 

log iF(y) 

0.50 

— 0.2S87 

-0.587 

0.55 

— 0.3993 

— 0.399 

0.60 

— 0.S485 

— 0.261 

0.65 

— 0.7061 

— 0.1 SI 


In Figure 8 these values are shown by the curve and those of Table XII 
are plotted as points, appropriate coordinate systems being used. It may 
be seen that the points lie sufficiently well on the curve. From the relative 
position of the origins of the two coordinate systems we find X = 1.414, 



Figure 8. 

Virial coefficients for NO. 

Y = —2.34; the corresponding values of X and [i are X = 1.241 X 10~ 1X1 , 
\l = 2.008 X 10" 43 . The position of minimum potential energy is given by 
r = 4.919 X 10" 8 cm. and the corresponding energy is u = —5.97 X 10" 15 . 

In a similar way we may work out the results for other models. The 
pressure data at our disposal extend over such a limited range of tem¬ 
perature that there is no question in any case of a model failing to fit the 
data; we can only be governed in the choice of a model by analogy with 
other substances and by general considerations. For a rigid sphere with 
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m = 5, we find u = —1.83 X 10~ 14 ergs, and with m = 7, u — —5.86 X 
10" 14s ergs. These figures are sufficient to show the general dependence 
of u on the values chosen for m and n; it is apparent that increase of 
either m or n results in a decrease in u. A rigid sphere is the largest pos¬ 
sible value for n, and values greater than 7 are not generally used for m, 
so that — 5.86 X 10~ 14 ergs is in some sense a lower bound for u. It is 
not certain, however, that the actual value of u will not be lower than this 
limit; in other cases for which the data are more extensive the models 
have been tested by their ability to reproduce viscosity and compressibility 
data, and they have proved fairly satisfactory for these purposes. There 
is no assurance, however, that they are sufficiently correct so that reliable 
values of u can be found. For example, there is some reason to believe 
that the attractive forces between molecules fall off exponentially with 
the distance, at least at large distances; what effect this would have upon 
the values found for u is uncertain. The experimental value of E, which 
is itself subject to some uncertainty, is about 8.9 X 10~ 14 ergs, and it is 
obviously necessary for u, the minimum potential energy of a pair, to be 
less than —E. The discrepancy is not large enough to worry about, how¬ 
ever; it might arise either from an unsound method of calculating u, or 
from an error in £, or it might mean that the experimental E corresponds 
to nitric oxide-oxygen pairs, which happen to be bound a little more tightly 
than nitric oxide-nitric oxide pairs. Until the theory has been confirmed 
by further experiments at low temperatures, and low pressures, it does not 
seem profitable to speculate further on these points. 

9.2. The Reaction between Nitric Oxide and Chlorine.—This 
reaction has been studied by Kiss 9 and by Trautz. 10 The reaction is, of 
course, 

2NO + Cl 2 = 2NOC1 

The reaction is approximately second order with respect to the nitric 
oxide and first order with respect to the chlorine, but it is not entirely free 
from complications. In ordinary vessels of glass or quartz, and also in 
the presence of paraffin and graphite, the reaction is homogeneous, but 
when the reaction vessel is filled with glass beads, whose surface is ground, 
some increase in rate is observed, together with a decrease in the reaction 
order; it is probable that the very drastic test used here is one that few 
reactions could pass, and there is little doubt that the observed constants 
apply to an essentially homogeneous reaction. Of a more serious nature 

9 Kiss, “Dissertation,” Budapest (1913); Rec. trav . chim., 42:112, 665 (1923); 

43:68 (1924). J ’ 

10 Trautz, Z . anorg. Chem 88:285 (1914); Trautz and Wachenheim, Z. anorg , 
Chem ., 97; 241 (1916); Trautz and Henglein, Z. anorg. Chem., 110: 237 (1920). 
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is the tendency toward lower rate constants when nitric oxide is present 
in excess. According to some equilibrium measurements of Trautz and 
Wachenheim, this is due to the formation of some compound, probably 
(NO) 2 Cl, which contains more nitric oxide than nitrosyl chloride does. 
Most of the rate measurements have been made with excess chlorine, and 
it seems to be the general opinion that the true rate is obtained in this 
way. It is known from the work of Kiss that the reaction is catalyzed 
by nitrogen dioxide, and also by bromine; furthermore, in the presence 
of bromine, there seems to be a further catalysis by small quantities of 
water vapor; these catalytic reactions are discussed in Chapter XI. The 


Table XIV. Rate of formation of NOCL 



Temp. 

[C1 2 ] 

[2NO] 

k X 10~ 6 

Observer 

° K. 

mm. 

mm. 

cc. 2 mole~ 2 sec. -1 

TW 

273.0 

45.4 

23.7 

7.34 



78.6 

37.9 

5.50 



201.0 

48.4 

5.09 



737.9 

21.2 

5.01 



745.4 

44.4 

5.53 

TH 

280.0 

216.2 

23.0 

5.57 


281.6 

118.7 

50.1 

4.82 

T 

282.6 

214.6 

52.3 

5.60 


284.4 

123.5 

43.2 

5.87 

TH 

288.0 

115.0 

59.6 

7.80 


288.7 

223.8 

36.9 

7.74 


289.7 

222.1 

35.3 

7.53 

K 

291.0 

212.7 

98.6 

7.61 


250.4 

110.7 

7.19 


291.1 

242.5 

147.9 

7.58 



225.4 

148.4 

7.91 



211.9 

102.75 

7.58 

TW 

291.2 

67.9 

38.1 

9.53 

T 

333.4 

88.0 

25.2 

19.4 


355.1 

106.1 

60.7 

27.2 


365.2 

67.1 

28.4 

33.7 


374.7 

102.1 

3L2 

41.7 


386.2 

94.0 

28.0 

44.5 


401.4 

102.0 

29.8 

72.2 


419.3 

53.8 

49.3 

107. 


419.7 

95.6 

31.1 

118. 

TW 

433.85 

755.9 

14.4 

192. 

434.3 

59.5 

23.6 

102. 

T 

441.6 

113.9 

32.0 

156. 


451.1 

76.1 

33.7 

182. 


473.9 

92.9 

36.5 

153. 


505.8 

52.1 

27.1 

453. 


528.4 

54.5 

27.6 

665. 


566.4 

31.7 

20.8 

1130. 


Here the first column gives the observer according to the scheme: T Trautz; 
TW, Trautz and Frl. Wachenheim; TH, Trautz and Henglem; K, Kiss. The second 
column shows the temperature, the third the chlorine pressure, the fourth half the 
nitric oxide pressure, and the fifth the reaction rate constant for the equation 
— d[CU]/dt=k [C1 2 ][NO] j 
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experimental technique used in most of these investigations leaves some¬ 
thing to be desired; in spite of the corrosive character of the gases, both 
sealing-wax and stopcock grease have been freely used; furthermore, the 
reverse reaction has not been taken into account in calculating the results, 
even at the highest temperatures. It seems likely, however, that the rate 
constants obtained are of the right order of magnitude. 

Table XIV contains all of the available data for runs made with excess 
chlorine. 

All of these values except those of Trautz and Wachenheim are fitted 
by the empirical equation 

log k = 490/T + 10.5 log T - 20.697 

According to this equation the energy of activation is 3453 cal. at 273° K. 
and 9566 cal. at 566° K. 

It is possible to calculate the rate of the reverse reaction from these 
results and the equilibrium constant; this calculation is made in Sec¬ 
tion 8.64. 

9.3. The Reaction between Nitric Oxide and Bromine.—This 
reaction has been studied by Trautz and Dalai; 11 it follows the equation 

2NO + Br* = 2NOBr 

and is of the third order. It is not possible to investigate the reaction 
over a very wide range of temperature, the lower limit being fixed by 
adsorption on the walls, the upper limit by the reverse reaction. The re¬ 
sults are summarized briefly in Table XV. 

Table XV. Formation of nitrosyl bromide. 


Temp. 

k X 10-9 

°K 

cc. 2 mole- 2 sec.- 1 

258 

3.5 

265 

3.0 

273 

3.0 

279 

4.75 

286 

2.25 


These constants are for the equation d [Br*l/dt*=°k [Br a ] [NO] a ; the value at 
258 is uncertain because of adsorption, that at 286° because of the reverse reaction. 

It is impossible to draw any definite conclusion as to the temperature 
coefficient from these figures. If the results at 265° and 279° are used to 
calculate an energy of activation the value found is 4800 cal., which is 
somewhat greater than that for the nitric oxide-chlorine reaction at the 
same temperature; this value may easily be in error by several thousand 
calories. 

11 Trautz and Dalai, X. anorg. Chem., 102:149 (1918). 
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9.4. The Reaction between Nitric Oxide and Hydrogen.—This 
reaction has been studied by Hinshelwood and Green; 12 in the temperature 
range 900°-1100° K. it was found to take place quantitatively in accord¬ 
ance with the equation 

2NO + 2H 2 ~ N 2 + 2H 2 0 

The homogeneous part of the reaction is second order with respect to 
nitric oxide and first order with respect to hydrogen; this indicates that 
the reaction takes place in stages, according to one or both of the follow¬ 
ing schemes: 

2NO + H* = N 2 + H 2 0 2 
B 2 0 2 + H 2 = 2H 2 0 

and 

2NO + H 2 = N.O + H 2 0 

n. 2 o + h 2 = n 2 + h 2 o. 

In either case the first step would be slow, and the second one rapid. 
The reaction is nearly homogeneous in quartz vessels, but there is an 
appreciable amount of wall reaction when the pressure of nitric oxide is 
below 400 mm. Even in the presence of much powdered silica, sufficient 
to increase the rate of the heterogeneous decomposition of ammonia 
twenty-fold, the rate is increased only 100-200 per cent. 

The average values found for the rate in a series of experiments all 
made at relatively high pressures (greater than 300 mm. of each gas) are 
shown in Table XVI. 

Table XVI. Rate of reaction betzveen nitric oxide and hydrogen . 


Temp. 

k X 10-0 

° K. 

cc. 2 mole -2 sec. -1 

1099° 

238 

1061 

137.5 

1024 

6S 

984 

29.5 

956 

12.65 

904 

2.65 


These are the constants for the equation ^[NO]/£ft =—2&[NO] a [Ha], 

These values are shown graphically in Figure 9. The figure also shows 
the graph of the empirical equation 

log k = - 38689.5 /T - 66.37 log T + 245.410 

which has been fitted to the data of Table XVI. This equation corre¬ 
sponds to an energy of activation of 58,321 cal. at 900° K., 45,134 cal. at 

12 Hinshelwood and Green, /. Chem . Soc 129 : 730 (1926). 
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1000°, and 31,947 cal. at 1100°. Such a variation is unprecedented, both 
as regards magnitude and direction. It is practically impossible to accept 
this result as real, since this would lead to absurd conclusions about the 
molecular statistics of the reaction; it may be noted that an Arrhenius type 
equation with an energy of activation of about 44,000 cal. can be fitted to 
the data with a maximum deviation of 20 per cent; this is about twice 
Hinshelwood and Green’s estimated uncertainty. 

If we accept the value of 44,000 cal. for the energy of activation and 
compare the simple expression Ze~ 4ci00Q/RT with the rate of reaction, using 
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Figure 9. 

Reaction between nitric oxide and hydrogen. 


normal values for molecular diameters, we obtain an efficiency of triple 
collisions with sufficient energy of about 0.07; this figure is subject to a 
very great uncertainty of course, and it is unlikely that a calculation of 
such a simple kind has much significance in any case; nevertheless, the 
relatively high apparent efficiency here as compared with the reaction 
between nitric oxide and oxygen is worth noting. 


9.5. The Rate of Recombination of Atomic Bromine. —It is 

shown in Section 11.1 that the homogeneous recombination of atomic 
bromine is a trimolecular reaction. The rate of this reaction is found to be 

d[Br,]/df = 2.9 X 10 ls [Br] 2 [X] 
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when the concentrations are measured in moles per cc. and the time in 
seconds; here X is the total concentration of hydrogen, bromine and hydro¬ 
gen bromide. It is probable that slightly different rates should be used 
for each different third molecule, but the experiments are not accurate 
enough to settle this point. It is found also that about the same rate 
constant applies to oxygen as the third body, and a much lower constant 
to helium; these results are less certain, however. If every triple col¬ 
lision led to recombination, it would be possible to have a recombination 
rate of 10 17 or even 10 18 , depending upon the diameters used. It is known 
that the rate is not much dependent upon temperature, but it is to be ex¬ 
pected that there will be at least the factor V T ; this would be undetected 
by measurements of even very high accuracy. 

9.6. The Rate of Recombination of Atomic Chlorine.—It is pos¬ 
sible to derive a rough value for the rate of this reaction from the chlorine 
sensitized photochemical oxidation of carbon monoxide. 12a The mecha¬ 
nism of the reaction is not yet entirely clear, but the role played by the 
chlorine atoms seems to be understood; recombination takes place both in 
three body collisions and by diffusion to the walls; the data are shown by 
Schumacher and Stieger to be in agreement with a rate constant of 
3 X 10 14 cc. 2 mole -2 sec. -1 ; this value is subject to a considerable uncer¬ 
tainty, but is probably of the right order of magnitude; it cannot be stated 
whether the difference between if and that found for bromine atoms 
exceeds the experimental error. 

9.7. The Rate of Recombination of Atomic Hydrogen.—The de¬ 
crease in the concentration of atomic hydrogen flowing through tubes has 
been measured by a number of workers; most of the results are very 
difficult to interpret. It is fairly certain, however, that the reaction takes 
place partly as a wall reaction and partly as a trimolecular gas reaction. 
The first satisfactory measurements of this type were those made by Small¬ 
wood ; 13 this worker expressed his results by 

- dNn/dt = IO-^Nh 2 + 10” 32 N h s + 10“ s2 N H 2 N Ha 

The numerical values given are only approximate, since the concentra¬ 
tions change from point to point along the tube, and exact treatment of 
the problem is impossible. Smallwood points out that if the first term is 
considered as representing a bimolecular process in the gas, the efficiency 
is but 6'X 10” 7 ; he prefers to interpret it as due to triple collisions in 

12a Schumacher and Stieger, Z. physik. Chenu 13B: 169 (1931). This is^ the 
seventh paper of a series dealing with this reaction and the associated synthesis of 
phosgene. 

is Smallwood, J. Am. Chem. Soc., 51:1985 (1929). 
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which the wall is the third body; if normal diameters are used for the 
hydrogen atoms, the wall effect is found to extend out into the gas a 
distance of 10~ 7 cm., which would be reduced somewhat if slightly greater 
diameters were used. The other two terms are interpreted as arising from 
triple collisions in the gas, the third molecule being H in the first case and 
Ho in the second. When these results are expressed in the usual units, 
the reaction rate constants found are about 4 'X 10 15 cc. 2 mole" 1 sec. -1 In 
this work the atomic hydrogen was produced in a discharge tube, the 
pressure used was of the order of 1 mm. and the initial amount of atomic 
hydrogen of the order of 40 per cent. 

More recent work by Senftleben and Riechemeier 14 has led to some¬ 
what different results. In this work very great pains were taken to obtain 
pure materials and to reduce the wall reaction to a minimum. The methods 
used were also entirely different; the experiments were made in a static ^ 
system, the atomic hydrogen being produced by radiation with the resonanc$W>* 
line of mercury (mercury vapor being present in the hydrogen), and tliO'V 
analysis being continuously carried out by measuring the thermal con¬ 
ductivity of the gas mixture; the total pressure of the hydrogen was of 
the order of 10 mm., and the maximum pressure of atomic hydrogen 
attained was about 0.005 mm.; the nature of the surface was also different, 
since the reaction vessel contained a hot wire for measuring the thermal 
conductivity, whose surface had been suitably poisoned, and the vessel 
itself was o^ quartz rather than glass; the presence of mercury vapor 
constituted another difference. The results are somewhat dissimilar to 
those of Smallwood. During any single experiment the surface reaction 
was taken as being first order with respect to the atomic hydrogen; these 
first order constants were least at the greatest, pressures, and in the best 
of the high pressure experiments were zero. Senftleben and Riechemeier 
consider that the occurrence of first order constants indicates a surface 
saturated with hydrogen atoms; it seems more likely, however, that at the 
higher total pressures of their work the rate of the wall reaction is at 
least partially dependent upon a diffusion process. They express their 
final results in a form essentially equivalent to 

- = MH] + 3.96 x 10 17 [H] 8 -f-1.55 X 10“[H,] [H] 2 

The magnitude of the constant k w is variable from one experiment to 
another, but under the best conditions it is a relatively small correction 
factor. These results thus indicate a greater efficiency for collisions in 
which hydrogen atoms are the third body than was found by Smallwood, 
and a smaller efficiency with hydrogen molecules. One would expect the 

14 Senftleben and Riechemeier, Ann. Physik, 6:105 (1930). 
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method of Senftleben and Riechemeier to give more accurate results, but 
the discrepancy is rather greater than a reasonable estimate of the com¬ 
bined experimental error would permit. Senftleben and Riechemeier do 
not discuss Smallwood’s work. They calculate an effective diameter of 
4.5‘X 10" 8 cm. for collisions between three hydrogen atoms and of 
1.1 X 10 -8 cm. for collisions between two hydrogen atoms and one mole¬ 
cule; such calculations are not very significant since the intermolecular 
forces are probably sufficient to produce considerable effects. They do 
indicate, however, that the large value for the rate constant with three 
hydrogen atoms does not require an impossible diameter. 

The most recent work on this reaction is that of Steiner and Wicke; 15 
like Smallwood, they studied the change of concentration of hydrogen 
atoms in a gas stream leaving a discharge tube. The chief advance made 
by their work is in the determination of the concentration of hydrogen 
atoms; they found that the intensity of H a in an electrodeless discharge 
under controlled conditions was a linear function of the concentration of 
hydrogen atoms. It proved possible to use a number of feeble discharges 
at various distances along the tube, and thus obtain an almost continuous 
record of the hydrogen-atom concentration; the diffusion method of 
Wrede 16 was used for calibration purposes. It is thus possible in prin¬ 
ciple to avoid integrating the rather complicated differential equation 
governing the concentrations under these conditions, and instead to deter¬ 
mine directly the various coefficients which it contains; since the equation 
is non-integrable in terms of the usual algebraic functions, this seems to 
be quite an advance. Steiner and Wicke, however, assume that they have 
completely poisoned the walls, and also that diffusion is negligible, and thus 
reduce the equation to an integrable form before making comparison with 
experiment. They find that when atoms and molecules are taken to be 
equally efficient as the third body, the rate constant varies more than 
fourfold over their not very wide range of experimental conditions; 
when only hydrogen molecules are considered effective, good constants 
are obtained. The rate constant they find is about 9.2 X 10 15 cc. 2 mole~ 2 
sec. -1 ; the reader is at liberty to make his own guess as to the tempera¬ 
ture at which these measurements were made; it is most unfortunate that 
the crowded condition of our journals so often prevents the inclusion of 
this information. 

It may probably be considered that this work supersedes that of Small¬ 
wood; the disagreement between Senftleben and Reichemeier on the one 
hand and Steiner and Wicke on the other as to the relative third-body 
efficiencies of atomic and molecular hydrogen is far beyond any apparent 

15 Steiner and Wicke, Z. physik. Chem Bodenstein-Band, 817 (1931). 

w Wrede, Z. Physik, 54: 53 (1929). 
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source of error in these investigations; theory would suggest a greater 
efficiency for molecules, since processes involving much change in kinetic 
energy are usually infrequent, but no certain prediction is justified. 

9.8. The Rate of Formation of Sodium Dioxide.—Haber and 
Sachsse 17 have presented fairly convincing evidence that the reaction 
between sodium vapor and oxygen starts by the process 

Na + 0 2 + X = Na0 2 + X 
and presumably has the rapid second step 

NaO, + Na = 2NaO 

They used a slightly modified form of the diffusion method of Hartel and 
Polanyi; 18 a mixture of sodium vapor and an inert gas was admitted 
through a small nozzle to a larger tube through which oxygen was flow¬ 
ing; the inert gas was kept at a pressure of about 5 mm., the oxygen 
0.1 mm., the sodium 0.001 mm.; the reaction was followed by observing 
with a sodium resonance lamp the boundary of the flame; in calibration 
experiments it had already been found what was the lowest observable 
sodium pressure. This method yielded very good results in the present 
case; the rate of the reaction was found to be proportional to the pres¬ 
sures of sodium, of oxygen, and of inert gas, and no other rate-deter¬ 
mining step except the one given above would produce this result; 
moreover, no other mechanism gives a rate of the right order of magni¬ 
tude. Haber and Sachsse express their results in terms of mols per cc. 
which would react if all substances were present at a partial pressure of 
1 dyne per cm. 2 ; this is the extraordinary unit which has been used con¬ 
sistently by Polanyi in all his work on highly dilute flames; the method 
promises to be one of the most powerful available for kinetic studies, and 
it thus seems worth while to urge that this strange hybrid unit be aban¬ 
doned. At 250° C. with argon as the inert gas the rate constant is 

I. 2 X 10 18 cc. 2 mol." 2 seer 1 , with helium it is 1.9 X 10 18 cc. 2 mol." 2 sec.” 1 ; 
these are the largest third order constants which have ever been observed, 
and correspond to diameters of approximately 10” 7 cm, if inter-molecular 
forces are neglected. This neglect is not justified, however, as is shown 
by the experiments with nitrogen as inert gas; here the rate was measured 
over the range 250° to 400° C.; the rate constant decreased from 1.59 X 
10 18 to 0.41 X 10 18 cc. 2 mol.~ 2 sec." 1 as the temperature rose; this corre¬ 
sponds to an energy of activation of about —7000 cal. 

17 Haber and Sachsse, Z. physik. Chem Bodenstein-Band, 831 (1931). 

18 Hartel and Polanyi, Z. physik. Chem., 11B:97 (1930). See also Sections 8.43, 

II. 46. 
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First Order Reactions 


10.1. Review of the Theory of Unimolecular Reactions.—In 

Chapter V there has been developed a theory of unimolecular reactions 
with the intention of accounting for the results of experiment which are 
to be discussed here. Since the experimental results have been by far 
the most important factor in determining the form which the theory has 
taken, those features which are most readily subjected to experimental 
test are developed with much greater definiteness than the remaining 
aspects. Thus it is definitely assumed that the method of activation is 
collisional; an activated molecule is taken to be simply a molecule with 
high internal energy, and it is assigned the ability to react spontaneously. 
It is clear that under conditions such that the activation process is very 
fast compared to the spontaneous reaction of the activated molecules, the 
rate of the reaction as it is observed will depend solely upon the specific 
spontaneous reaction rates of the various activated species. It is thus 
necessary to know the concentration of each activated species which is 
present at temperature equilibrium, as given by the Maxwell-Boltzmann 
distribution law, and the specific reaction rate of each species. In the 
absence of this exact knowledge a statistical type of theory has been de¬ 
veloped ; a molecular model is built of a number of loosely coupled har¬ 
monic oscillators equal to half the number of squared terms in the energy 
function for the molecule; this number is easily calculated from the num¬ 
ber of atoms, being simply 3 (n —2) for a molecule with n atoms. These 
oscillators are assigned frequencies in an arbitrary way, so that the model, 
upon quantization, will agree with the known heat content and specific 
heat of the substance in question; for convenience in calculation, it is 
customary to take all the frequencies the same; the use of more than a 
single frequency is possible, but it makes only a slight change in the results, 
and since it complicates the calculations considerably it is hardly worth 
while in the present state of our knowledge. Sometimes a model con¬ 
structed of classical oscillators is used, the number of oscillators being 
then chosen to agree roughly with the known thermal properties of the 
molecule. A model having been chosen, the Maxwell-Boltzmann quotas 
of all the allowed energy states may be calculated. 

There remains the problem of assigning specific reaction rates to these 
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states. The simplest assumption is that the specific rate is zero for those 
states whose energy is below some critical value, and has a constant value 
for those whose energy exceeds this value. Besides being not very 
plausible physically, this assumption leads to results which are not in 
agreement with experiment. Historically it is associated with the name 
of Hinshelwood. 1 It seems much more probable that the specific reaction 
rate will increase gradually with the energy of the molecule, and this 
assumption leads to results which are in much better agreement with ex¬ 
periment. There is at present no certain knowledge as to what func¬ 
tional form this dependence should take, but this turns out to affect the 
numerical results less than might be imagined. The form which will be 
used in most of the calculations of this chapter is given by (V, 6); it has 
the property that it leads to a total rate which, when the activated states 
are all present at their equilibrium concentration, shows a simple expo¬ 
nential temperature dependence. This form was first given by the writer, 2 
but is very closely related to the earlier expression of Rice and Rams- 
perger. 5 

There remains the problem of calculating the rate when the activations 
are not fast enough to maintain the Maxwell-Boltzmann quota of all acti¬ 
vated states. The underlying assumption is that the rate of production 
of activated molecules is equal to the rate at which they would enter into 
collision if they were present in equilibrium amount; the justification of 
this assumption, which is based on the Principle of Microscopic Reversi¬ 
bility, is discussed in Chapter V. It is now simple, in principle, to calcu¬ 
late what steady state concentration will be maintained for each activated 
state, under given temperature and pressure conditions, and by multipli¬ 
cation with the appropriate specific rate and summation over all activated 
states to determine the rate of the reaction. In this way it is found that 
at high enough pressures the reaction will actually be first order, but 
that as the pressure is decreased the rate will fall off more and more, until 
at very low pressures, where every activated molecule has time to decom¬ 
pose before its next collision, the reaction becomes kinetically second order. 
It is also found that the fractional decrement of the rate from its high 
pressure value is greater the higher the temperature. 


10.2. The Decomposition, of Nitrogen Pentoxide.—This reaction 
is the classical example of a first order process. The completed reaction 
may be represented by 


_ i Hinshelwood, Proc Roy. Soc. f 113A: 230 (1926). The type of theory based on 
mentafT^uhs 011 * S ^ USe< ^ Hinshelwood and his students in reporting experi- 


2 Kassel, /. Phys. Chem 32:225, 1065 (1928). 

3 Rice and Ramsperger, /. Am. Chem . Soc.j 49: 1617 (1927), 
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2N a 0 5 = 0 2 + 2N 2 0 4 

4j!ro 2 

The discovery that this process takes place by a homogeneous gas reaction 
was made by Daniels and Johnston; 4 these authors worked in the tem¬ 
perature range 0 to 65° C., at pressures from 30 to 700 mm., and found 
that under these conditions the reaction was first order and homogeneous. 
There was some question raised as to the simple character of the reaction 
when certain results of Daniels, Wulf and Karrer 5 seemed to show that 
the reaction was autocatalyzed by the nitrogen dioxide formed, but fur¬ 
ther study of this point by White and Tolman 6 and by Hirst 7 failed to 
find such influence. In the course of this work it was shown by White 
and Tolman that oxygen was without effect on the rate, while Hirst found 


Table XVII. Rate of Decomposition of Nitrogen Pentoxide. 


Temp. 

Observer 

Weight 

k X 10 5 

&C4IC. X 10" 

65 °C. 

D + J 

3 

487 



R + G 

12 

472 



mean 

15 

475 

475 

55° 

D+J 

2 

150 

156 

47° 

H 

10 

62.0 

60.5 

45° 

D + J 

3 

49.8 

47.4 

40° 

W-f-T 

1 

24.7 

25.5 

35° 

D-f J 

3 

13.5 



W + T 

1 

13.9 



H 

2 

11.3 



N 

6 

13.0 



mean 

12 

12.9 

13.4 

25° 

D + J 

4 

3.33 



W + T 

3 

3.65 



N 

6 

3.32 



mean 

13 

3.40 

3.48 

20° 

D-f J 

1 

1.95 



W + T 

5 

1.72 



mean 

6 

1.76 

1.71 

15° 

D + J 

1 

1.04 

0.824 

0° 

D + J 

1 

0.0787 

0.0776 


Here the first column gives the temperature; the second, the observer, according 
to the scheme: D + J, Daniels and Johnston; R + G, Rice and Getz; W + T, White 
and Tolman; H, Hirst; N, Nordberg; 8 the third column gives the weight assigned 
to the observations, usually taken equal to the number of runs made at the tem¬ 
perature in question, but arbitrarily reduced somewhat when this number is very 
large; the fourth column is the observed rate, in sec.- 1 , and the fifth the rate calcu¬ 
lated by the equation - 

log k = 13.579 — 24591/4.575 T. 


4 Daniels and Johnston, 7. Am. Ghent. Soc ., 43 : 53 (1921). 

5 Daniels, Wulf and Karrer, 7. Am. Chem. Soc., 44:2402 (1922). 

6 White and Tolman, 7. Am. Chem. Soc., 47:1240 (1925). 

7 Hirst, 7. Chem. Soc., 127:657 (1925). 

* .Nordberg, “Thesis," California Institute of Technology, Pasadena, 1928, 
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the reaction uninfluenced by argon, air and water vapor. Hunt and 
Daniels , 9 in the course of an investigation of the rate at low pressures 
found no influence by nitrogen, even when it was present in enormous 
excess. Rice and Getz 10 studied the reaction under a variety of conditions; 
they removed dust, presumably of P 2 O 5 , as completely as possible by the 
use of filters and electrical precipitation, without affecting the rate; they 
made runs with P 2 0 5 in the reaction vessel, and^ others using nitrogen 
pentoxide prepared from silver nitrate and chlorine in a system from which 
P 2 O s was excluded entirely, and found in all cases the same rate. 

All the recorded measurements which have been made at pressures 
above a few mm. are in excellent agreement, as is shown by Table XVII. 

It thus seems to be established beyond any possible doubt that at mod¬ 
erate pressures the decomposition of nitrogen pentoxide is a first order, 
homogeneous gas reaction, whose rate, for the range 0 to 65 C. at least, 
is given by the simple Arrhenius type equation 

k = 10 13 - 679 e~ 2 * 591 I RT seer 1 ( 1 ) 

This rate is unaffected by the presence of inert gases. 

In inert solvents also the rate is at least very nearly the same as in the 
gas. Table XVIII gives the rates found by Lueck 11 in carbon tetra¬ 
chloride and in chloroform solutions, compared with the calculated values 
for the gas reaction. 


Table XVIII. 


Temp. 

k X 10 5 , CCb 

k X 10 s , CHCb 

k X 10 5 , calc. 

55° C. 

212 


156 

50° 

116 

128 

86.7 

45° 

61.1 


47.4 

40° 

32.2 

38.1 

25.5 

35° 

16.2 


13.4 

30° 

8.42 

10.25 

6.92 

25° 

4.09 


3.48 


The rate in chloroform is apparently only about 50 per cent greater than 
in the gas phase, while in carbon tetrachloride it is still closer. Rice and 
Getz also give some measurements of the rate in solution at 35°. Using 
two different analytical methods they obtain average values for k X 10 6 
of 15.2 and 12.7, which are even closer to the gas value than that given 
by Lueck. In less inert solvents, different results are obtained; thus Rice 
and Getz And that in 100 per cent nitric acid the decomposition is much 
slower than in the gas, while Busse and Daniels 12 find a similarly slow 

9 Hunt and Daniels, 7. Am. Chem. Soc., 47:1602 (1925). 

10 F. O. Rice and Getz, 7. Phys. Chem ,, 31: 1572 (1927). 

11 Lueck, 7. Am. Chem. Soc., 44:757 (1922). 

12 Busse and Daniels, 7. Am. Chem. Soc., 49: 1257 (1927). 
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reaction in butyl ether and acetone; ethyl ether, on the other hand, catches 
fire in the presence of crystals of the pentoxide. These authors were able 
to show that the cause of this retarded reaction is probably compound 
formation, since when they added ethyl ether vapor to decomposing pent- 
oxide they observed an initial rapid decrease in pressure, followed by a 
very rapid, almost explosive, increase; with acetone the initial decrease 
was not succeeded by an increase and both liquid and solid precipitates 
were observed. These same authors add bromine, hydrogen and carbon 
monoxide to the list of inert gases which have been shown not to affect 
the rate. 

The most complete study of the rate in solution is that of Eyring and 
Daniels. 12 * The rate was studied in eight different inert solvents, as well 
as in some active ones. With all inert solvents, the rate is essentially first 
order, though there is a somewhat strange “concentration effect/ 5 higher 
rates being found at greater concentrations. The rate in seven of the 
solvents is greater than that in the gas. Eyring and Daniels consider that 
the change in rate from one solvent to another is due solely to a change 
in the activation energy of the order of hundreds of calories, the value of 
A in k — Ae” E/RT remaining quite constant. Since they have not reported 
in full the data from which the activation energies are computed, it is 
doubtful just how much weight is to be attached to variations of the order 
of one per cent. It would be possible to give a qualitative theoretical inter¬ 
pretation of this change in E with constancy of A, but there is certainly no 
sufficient basis for attempting to force the experimental results into such 
a pattern. 

We come now to a consideration of the rate at low pressures; here we 
find that the very excellent agreement between the results of different 
workers which was so characteristic of the high pressure measurements 
has disappeared completely. The first work in this pressure region was 
that of Hunt and Daniels, 13 which was, however, mostly done with a flow 
method in the presence of an atmosphere of nitrogen. They made also 
three experiments at 35°, in a 5-liter bulb, with nitrogen pentoxide at 
pressures of 2.1, 1.4, and 1.1 mm., and found the rates 16.0, 8.5 and 
10 .2'X 10" 5 seer 1 , which are to be considered as agreeing within their 
experimental error with the high pressure value, 13.4 X 10~ 5 seer 1 Shortly 
after this Hirst and Rideal 14 found that at total pressures of about 0.25 
mm. the rate of decomposition began to increase, approaching as a limit at 
zero pressure about five times the normal rate; in these experiments the 
initial amount of pentoxide was determined from the observed pressure 

12 a Eyring and Daniels, I. Am . Chem. Soc 52: 1472, 1486 (1930). 

18 Hunt and Daniels, /. Am. Chem. Soc., 47: 1602 (1925). 

14 Hirst and Rideal, Proc. Roy. Soc., 109A:526 (1925). . 
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increase. This unexpected result was the incentive to further work in 
various laboratories. Hibben 15 was unable to find any change in the rate 
down to a pressure of 0.03 mm.; his general method was the same as that 
of Hirst and Rideal, consisting of freezing out the nitrogen pentoxide 
from time to time and measuring the residual pressure. This type of 
measurement has been criticized by Loomis and Smith, 16 who cite experi¬ 
ments to show that adsorption, occlusion, and slow diffusion may all intro¬ 
duce serious errors at low pressures in an apparatus of incorrect design. 
Sprenger 17 was led by his first experiments to the conclusion that in the 
pressure region 0.01 to 0.05 mm. nitrogen pentoxide does not decompose 
completely, and to an interpretation of this fact by means of an assumed 
chain reaction. 

In order to reduce as much as possible the surface effects which it 
seemed might be causing some of the difficulty, Ramsperger, Nordberg and 
Tolman 18 used a 45-liter flask. They found normal rates down to 0.2 mm., 
as is shown by Table XIX. 


Table XIX. Decomposition of nitrogen pentoxide at moderate pressures: 
Ramsperger, Nordberg and Tolman . 


Temp. 

Pressure 

mm. 

30.94° C. 

0.190 

30.76° 

0.789 

30 .76° 

0.890 

36.84° 

0.380 

36.80° 

0.884 

37.30° 

2.044 

41.97° 

0.397 

41.98° 

0.700 

42.00° 

0.710 


X 10 5 , obs. 

k X 10*, calc. 

sec." 1 

sec.- 1 

8.18 

7.85 

7.36 

7.66 

7.39 

7.66 

15.7 

17.0 

15.6 

16.9 

17.0 

18.1 

31.1 

32.7 

33.1 

32.7 

31.7 

32.7 


Continuing this same investigation, Ramsperger and Tolman 18 found that 
the reaction rate decreased definitely at still lower pressures, as is shown 
in Table XX. 

In all of this work the total pressure was read by a suitable form of 
membrane gage; it is noteworthy that it was no longer possible to get 150 
per cent pressure increase by the same technique in handling the nitrogen 
pentoxide as was successful at higher pressures. In Table XX the initial 


(1928? ibben ’ Pr ° C ' Nat ACOd ' Sd '’ 13:626 (1927); L Am ~ Chem - Soc - 50:940 

“Coomb and Smith, J. Am. Chem. Soc., 50:1864 (1928). A recent naoer 
71l i 7 e c’ 7 ' Phys. Chem. Z4-. 1387 (1930), contains a reply to this criticism. ‘ 

17 Sprenger, 2. fihysik. Chem., 136: 49 (1928). 

“Ramsperger, Nordberg and Tolman, Proc. Nat. Acad. ScL 15 : 453 (1929) 

18 Ramsperger and Tolman, Proc. Natl. Acad. Sci, 16 : 6 (1930). 
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Table XX. Decomposition of nitrogen pentoxide at low pressures; 
Ramsperger and Tolman. 

All runs at 40.32° C. except two at 40.04° which are corrected to 40.32°. 
High pressure rate at this temperature is 26.5 X 10~ 5 sec.- 1 . 

The “equiv. press.” of column 3 is the initial pressure of nitrogen 
pentoxide plus two-fifths of the difference between this and the total 
initial pressure. 


Total init. 

Init. N 2 O 5 

Equiv. 



press. 

press. 

press. 

k X 10 5 

k/k„ 

mm. 

mm. 

mm. 

sec. -1 


0.0470 

0.0423 

0.0440 

25.0 

0.943 

0.0431 

0.0370 

0.0394 

25.7 

0.970 

0.0142 

0.0131 

0.0135 

23.1 

0.872 

0.00970 

0.00780 

0.00856 

23.1 

0.872 

0.00850 

0.00500 

0.00640 

18.0 

0.679 

0.00725 

0.00420 

0.00542 

16.0 

0.604 

0.00565 

0.00443 

0.00492 

18.7 

0.706 


N 2 0 5 pressure is calculated from the observed pressure increase. Since 
the reason for this trouble is not definitely known it is really impossible 
to make suitable allowance for it; if the pressure measurements could be 
considered as entirely reliable measures of the extent to which the reaction 
had proceeded the rate constants which are calculated could be accepted 
as correct; in that case the best pressure with which to associate each 
constant would probably be the equivalent pressure in column 3 of the 
Table; this association would be based upon the assumptions that the 
initial impurities were decomposed nitrogen pentoxide and that the de¬ 
composition products of nitrogen pentoxide just replace the amount 
decomposed in ability to maintain the high pressure reaction rate. But it 
is entirely possible that the initial purity is higher than the pressure 
measurements indicate and that even in a flask this large adsorption is 
to some extent distorting the results. For this reason it is scarcely pos¬ 
sible to attribute much significance to the exact numbers in Table XX, 
and these experiments are to be considered only as showing that the de¬ 
composition rate begins to fall off at pressures of a few hundredths of 
a mm. Ramsperger and Tolman made a few experiments with added 
glass tubing which increased the surface-volume ratio about six times, 
making it comparable with that in the smaller flasks used in all previous 
work. They found that under these conditions the constants were initially 
higher than normal at low pressures, and decreased during the run usually 
to less than normal; qualitatively this is just the behavior observed by 
Hirst, and in a more extreme form by Sprenger. 

These results are confirmed by the later work of Schumacher and 
Sprenger, 20 who used a different experimental method; they froze out 
oxides of nitrogen and measured the residual oxygen pressures. They 

20 Schumacher and Sprenger, Proc. Natl, Acad . Sci ., 16; 129 (1930). 
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also were unable to avoid the appearance of impure pentoxide, though 
they too were using a technique which had been found satisfactory at 
higher pressures; in their case the initial total pressure was determined 
by admitting a known amount of gas from a small bulb, while all subse¬ 
quent measurements were readings of the oxygen pressure only; the final 
oxygen pressure corresponded, more or less uniformly, to from 0.003 to 
0.006 mm. of N 2 0 5 less than was expected. This difference they attribute 
to adsorption on the connecting tubes and in the pressure gage. Their 
results are shown in Table XXI. 

Table XXL Decomposition of nitrogen pentoxide at low pressure; Schumacher and 
Sprenger. All runs at 35 0 C. Constants preceded by g measured in 
glass vessel, those by q in quartz. 


Init. press. 

NaOs press. 

k X 10 G , obs. 

h/k oo 

mm. 

mm. 

sec.- 1 


0.10 

0.097 

g 13.2 

0.985 

0.0638 

0.062 

g 13.2 

0.985 

0.0369 

0.0364 

g 9.5 

0.708 

0.0322 

0.0282 

q 9.4 

0.701 

0.0128 

0.0108 

g 8,1 

0.605 

0.0151 

0.0090 

q 7.5 

0.560 

0.0128 

0.00644 

q 6.75 

0.504 


All of these low pressure results have been discussed by Hibben. 21 
This paper is in part a reply to the criticisms of Loomis and Smith. It is 
shown that under suitable conditions nitrogen pentoxide may be frozen 
out without occluding appreciable quantities of oxygen; the apparent 
occlusion found in Loomis and Smith’s work is shown to have been due, 
at least in part, to adsorption of oxygen by mercury in the Toepler pump 
used to collect it. 

The most recent work is that of Hodges and Linhorst. 22 They used 
pyrex reaction vessels with surface volume ratios from 0.5 to 10.0 cm.- 1 , 
compared with 0.13 cm.- 1 in Ramsperger and Tolman’s work; in addition’ 
they subjected these vessels to a very objectionable chromic acid treatment 
before use, thus undoubtedly increasing the true surface area considerably. 
They followed the reaction by periodically freezing out the oxides of nitro¬ 
gen, and determining the oxygen pressure with a fibre gage. They found 
a rather sharp falling off in rate during low pressure runs, this fall being 
greatest when the surface volume ratio was greatest. The work of 
Ramsperger and Tolman suggests very strongly that this is a surface effect, 
although all of Hodges and Linhorst’s rates are lower than would have 
been expected from previous work. Hodges and Linhorst interpret their 
data as representing a transition to a second order reaction, which is 

21 Hibben, J. Phys. Chem., 34:1387 (1930). 

22 Hodges and Linhorst, Proc. Natl. Acad. Sci., 17 : 28 (1931). 
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completed at 0.004 mm.; 22a since the experimental procedure has not as 
yet been described in detail, and only the preliminary data have been pub¬ 
lished, it is difficult to form a correct judgment of this work; it will be 
seen in the next Section, however, that its acceptance would involve very 
grave theoretical difficulties. 

It is clear that most of the work at low pressures has been vitiated 
by unsuspected errors. The best work is probably that of Ramsperger 
and Tolman; while no one has yet measured the true gas reaction below 
0.05 mm., it is probable that these authors and Schumacher and Sprenger 
have obtained approximately correct results. It is thus most probable 
that in the pressure interval 0.05 to 0.005 mm. the first order constant 
decreases to one-half its high pressure value. 22b 

10 . 21 . Interpretation.—It is of interest to decide, if possible, what 
the initial step in the reaction is. About the only three possibilities are 

( 1 ) H 12 O 5 = N 2 O 4 -{- O — 61,000 cal. 

( 2 ) N 2 O 5 = N 2 O s + 0 2 - 20,000 cal. 

(3) N 2 0 5 = NO, + no 8 

Of these, ( 1 ) may be excluded on the basis of its heat effect. Reaction 

(3) might not be considered very probable in any case, involving as it 
does the unfamiliar formula NO s ; it is suggested, however, by some work 
of Schumacher and Sprenger on the reaction between ozone and nitrogen 
pentoxide, which is discussed in Chapter XI; this work can best be in¬ 
terpreted in terms of an intermediate substance NO s . The properties of 
this substance, as determined by that work, are such as to render (3) 
unlikely, since the reverse of (3) is a rapid reaction, and the rate of the 
decomposition would have to depend upon the concentration of N0 2 . 
Furthermore, a characteristic band spectrum which probably belongs to 
NO s is not observed in decomposing pentoxide. It is therefore probable 
that the initial step is given by ( 2 ), in accordance with the proposal of 
Bodenstein . 23 The process 

(5) N 2 0 5 = NO + NO, + 0 2 

is about 30,000 cal. endothermic, and ( 2 ) is less endothermic than this by 
10,000 cal., the heat of dissociation of N 2 0 3 ; the heat effect of ( 2 ) is 

2:211 A more recent private communication from Dr. Hodges gives 0.002 mm. as 
the pressure at which the limiting second order rate is reached. 

22 i>F. O. Rice, Urey and Washburne, I. Ant, Chem. Sac., 50 : 2402 (1928), re¬ 
ported that preliminary experiments by Miss Wilson indicated a falling off in rate 
even at pressures of several millimeters; it has been shown by Chih Kao, Dissertation, 
Johns Hopkins University, Baltimore, 1930, however, that this result was due to an 
inaccurate analytical method, and that the rate remains constant down to 0.04 mm. 

82 Bodenstein, Z. physik . Chem,, 105:51 (1923). 
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thus of the same order of magnitude as the energy of activation, which 
is a satisfactory result. If (2) is the initial step in the reaction, it cannot 
be followed by 

(6) 2NO + 0 2 = 2N0 2 

since this reaction, being of the third order, becomes very slow at low 
pressures. The suggestion of Busse and Daniels 24 that the second step is 

(7) NO + N 2 0 5 = 3N0 2 

has now been quite generally accepted, since both these authors and 
Sprenger 25 have shown that (7) is a very rapid reaction; it is immaterial 
whether we write NO or N 2 0 3 in this equation; the equilibrium involving 
the trioxide is very rapidly established, and the oxide and trioxide are 
probably oxidized indifferently. Theoretically, the rate should fall off 
slightly at high concentrations of oxygen, where (6) would be most able 
to compete with (7), but since the rate of (6) is proportional to the square 
of the concentration of nitric oxide this correction can never become 


Table XXII. Theoretical values of k/k^o for nitrogen pent oxide. 

These calculations are based upon the empirical equation £=4.56 X10 13 <?-247oo/ier ? 
which is slightly different from the more reliable one given above; they apply to a 
temperature of 300° K.; the rate of primary decomposition is taken to be one-half 
the measured rate. The molecular model has in every case 15 degrees of freedom; 
the wave length corresponding to the frequencies assumed for these vibrations, and 
the number of mols of quanta of these frequencies needed to equal 24700 cal. are 
shown at the tops of the columns. In the last lines the contributions that these 
oscillators would make to the molecular heat and to the heat content at 300° K. are 
given. A diameter of 10X10- 8 cm. is used throughout the table. 


kf kco 


Pressure 

m~ 00 

m = 27 

m = 18 

m~9 

in mm. 

a — co 

a — 31.ll/i 

<r = 20.74/4 

0 = 10.37/4 

150 

1.00 

1.00 

1.00 

0.99 

15 

1.00 

0.99 

0.99 

0.92 

1.5 

0.98 

0.96 

0.94 

0.60 

0.15 

0,88 

0.83 

0.75 

0.143 

0.015 

0.66 

0.56 

0.43 

0.0167 

0.0015 

0.38 

0.27 

0.152 

0.00170 

O.OslS 

0.163 

0.092 

0.025 

0.000170 

0.0*15 

0.054 

0.022 

0.0027 

0.0000170 

0.0 S 15 

0.0146 

0.0030 

0.00028 

0.00000170 

0.0«15 

0.0032 

0.00032 

0.000028 

0.000000170 

O.OrlS 

0.00066 

0.000032 

0.0000028 

0,0000000170 

O.OslS 

0.000103 

0.0000032 

0.00000028 

0.00000000170 

0.0*15 

0.0000181 

0.00000032 

0.000000028 

0.000000000170 

Mol. heat 

30 cal./deg. 

25 cal./deg. 

20 cal./deg. 

6.5 cal./deg. 

Pleat cont. 

8940 cal. 

3770 cal. 

2290 cal. 

416 cal. 


24 Busse and Daniels, I. Am. Chem. Soc., 49: 1257 (1927). 

25 Sprenger, Z. physik. Chem., 136: 49 (1928). 
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appreciable. If this mechanism, (2) followed by (7), is actually the 
correct one, then the true primary rate of decomposition of nitrogen 
pentoxide is just half of the experimental rate. 

We have seen that the rate of this reaction falls to half its high pres¬ 
sure value at about 0.005 mm. The theoretical maintenance which might 



The data of Table XXII are shown here on a log-log plot. The diameter is 
different for each curve, as described in the text. It should be particularly noticed 
that for none of the models except the impossible one with m — 9 has the rate become 
even approximately second order at 0.001 mm.; instead, it can be seen that this change 
should not be expected at pressures greater than 10" 6 mm., or k/kco values greater 
than 0.01. 

be expected has been calculated by Kassel 26 for various molecular models; 
the results are shown in Table XXII. 

These figures are plotted in Figure 10, with the assumed diameters 
changed in such a way as to give about 50 per cent maintenance of the 
rate at 0.005 mm.; the diameters used are: m = oo, a = 10 X 10“ 8 cm.; 
m = 27, o = 14X10' 8 cm.; m= 18, a = 26X 10' 8 cm.; m = 9, o = 

2 Q Kassel, /. Phys. Chem., 32:1065 (1928). 
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160 X lO -8 cm. The most reasonable thermal values are probably between 
m — 27 and m — 18, and the calculations show that with such a molecular 
model a diameter somewhat larger than kinetic theory values is needed. 26a 

The limiting values of the second order constants which are attained 
at very low pressures are of interest, particularly in connection with the 
work of Hodges and Linhorst. Using the same diameters as were used 
in constructing Figure 10, these are found to be: m — 9, k 2 / oo— 5.3 X 
10 9 cc. molr 1 ; 18, k 2 /k2.6 X 10 10 cc. mol.” 1 ; m = 27, k 2 /k^ = 
8.0 X 10 10 cc./mol." 1 ; m = oo, & 2 /&co“ 2.3 X 10 12 cc. mol.” 1 The form 
in which these values are expressed is that which seems most likely to be 
useful, since the ratios will not change rapidly with the temperature. The 
theory thus requires a value of this limiting ratio of at least 10 10 cc. mol.” 1 

It thus appears that the theory can account fairly well for the low 
pressure data down to 0.005 mm., though it is necessary to use a diameter 
which some may consider too large; it cannot account satisfactorily for 
a rapid transition to the second order region at pressures only slightly less 
than 0.005 mm. In order to fit the data at 0.005 mm. and higher, it is 
necessary to use many degrees of freedom, of low frequencies; this then 
automatically makes the reaction rate decrease slowly at still lower pres¬ 
sures, in disagreement with Hodges and Linhorst. From the data which 
these workers have so far published, it is impossible to determine just how 
severe the disagreement is. 

10.3. The Decomposition of Azo Compounds.—We shall consider 
next the decompositions of the azo compounds, azomethane, azoimpropane, 
methyl isopropyl diimide and dimethyl triazene, studied by Ramsperger. 
This group is of particular interest for a number of reasons, which will 
soon become apparent. 

10.31. The Decomposition of Azomethane.—The decomposition of 
azomethane has been studied by Ramsperger. 27 The principal reaction is 
given by the equation 

(1) CH a NNCH 8 = C 2 H 6 + N 2 

but there is a small amount of side reaction, since the reaction products 
contain about 1.7 per cent of unsaturated hydrocarbons and the final 
pressure varies between 2.03 and 2.05 times the initial. Possible equations 
for the side reaction are 

(2) CHaNNCHs = CsH* + H 2 + N 2 

(3) 2CH s NNCHs = C 2 H 4 + 2CH 4 + 2N 2 

26a McGraw, T Am Chem. Soc., 53 : 3683 (1931), finds a heat content of 4400 cal. 
for solid NaO. at 250 K.; a safe extrapolation gives 6000 cal. at 300° K, more than 
half of which is probably internal energy. 

27 Ramsperger, /. Am. Chem. Soc., 49:912, 1495 (1927). 
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The experiments cover a range of 0.2S to 700 mm. at temperatures between 
280° and 330° C. Under these conditions the reaction is homogeneous, 
and at the higher pressures it is first order; at low pressures first order 
constants are obtained for the single runs, but these constants decrease 
with the initial pressure; the greatest decrease observed in these experi¬ 
ments is to 10 per cent of the high pressure rate. The results reported 
first were for the most part at pressures where the rate has fallen only 
slightly below its high pressure value; they will not be given here; the 
later experiments were all made at two temperatures, and exhibit very 
clearly the dependence of rate on pressure, as shown by Tables XXIII 
and XXIV. 


Table 

XXIII. 

Rate of decomposition of a. 

zomethane at 290 0 

C. 

Pressure 

kXlO 5 

Pressure 

kXlO 5 

Pressure 

kXlO 5 

mm. 

sec.- 1 

mm. 

sec.- 1 

mm. 

seer 1 

707.9 

13.5 

44.07 

11.8 

2.587 

5.8 

375.0 

13.7 

23.51 

9.7 

1.989 

5.3 

320.0 

13.7 

12.03 

9.0 

0.879 

4.5 

191.0 

13.2 

5.818 

6.9 

0.309 

3.2 

Table 

XXIV. 

Rate of-decomposition of azomethane at 330° 

C. 

Pressure 

kXlO 5 

Pressure 

kXl 0 5 

Pressure 

kXlO 5 

mm. 

sec r 1 

mm. 

sec.- 1 

mm. 

sec. -1 

486.8 

296 

33.28 

176 

1.510 

69 

392.6 

282 

16.21 

145 

1.267 

60 

269.6 

276 

14.39 

131 

0.873 

48 

235.3 

282 

7.507 

110 

0.505 

40 

200.0 

269 

4.531 

84 

0.380 

36 

143.6 

265 

2,870 

75 

0.259 

31 

56.46 

213 

2.648 

79 




These results are shown also in Figure 11. The best values 28 for the limiting 
rate at high pressures are 13.8 X 10 -5 seer 1 at 290° and 309 X 10" 5 seer 1 
at 330°; if these two figures are used to determine the constants of an 
Arrhenius equation the result is 

k = 3.13 X 10 16 e ~ 52 ^ RT (2) 

The energy of activation as determined from the earlier experiments was 
51,200 cal., and this value is probably too low, since the rates in the ex- 

28 The most convenient method for the determination of the limiting rate is to 
plot 1/k against l/p, and estimate the intercept of the -best curve on the l/k axis. 
According to the simple Hinshelwood type of theory this plot should be a straight 
line; actually, it is found to be concave toward the l/p axis for every case in which 
accurate experiments have been made over a wide range of pressure. Nevertheless, 
for values of l/p not too large, a linear extrapolation gives good results, since the 
curvature is not usually appreciable until 1/k has increased at least 50 per cent over 
its high pressure value. This method of extrapolation will be quite generally used 
throughout this chapter. 
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periments at the higher temperatures would be relatively low. The value 
52,440 cal. is therefore certainly not far wrong, and the determination of 
the activation energy from experiments at two temperatures only is in this 
case justified. 

So far as these experiments indicate, the decomposition of azomethane 
is a perfectly straightforward example of a unimolecular decomposition 
which is first order at high pressures and whose rate falls off at lower pres¬ 
sures. The fact that first order constants are obtained during the separate 



Figure 11. 

Dependence of rate on pressure for azomethane. The circles are experimental 
points, the curves are theoretical. The upper curve and points are for 290° C., the 
lower for 330° C. 


runs may be supposed to show that the reaction products are about as 
effective in maintaining the rate as the azomethane from which they are 
formed; it has been shown 29 that it is chiefly the ethane which is active 
in maintaining the rate, nitrogen having much less influence. The extent 
of side reaction, as judged by the ratio of initial to final pressure, is 
approximately independent of the pressure and temperature, and it is there¬ 
fore relatively unimportant. 

The dependence of the rate upon pressure is found to be in very satis¬ 
factory agreement with the theory of unimolecular reactions. 30 We give 


29 Ramsperger, /. Phys. Chem 34:669 (1930). 

30 Kassel, /. Tkys. Chem., _32:225, 1065 (1928); Rice and Ramsperger, J. Am. 
Chem. Soc., 50:617 (1928); Rice, Proc. Natl. Acad. Sci, 14: 118 (1928) 
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here as an example the result obtained with a model containing 18 degrees 
of freedom with a frequency v such that 25 Nhv = 52,440 cal, 31 and a 
diameter of 3.98 X 10 -8 cm.; at 330° C. the contribution of these oscil¬ 
lators to the molecular heat is 27.85 cal./deg. and to the heat content 7915 
cal. The calculated values of k/k^ for several pressures at the two ex¬ 
perimental temperatures are given in Table XXV, and the results are 
compared with observed values in Figure 11. 


Table XXV. Calculated values of k/koo for azomethane. 



s ~ 18, m — 25, 

a = 3.98 X 10 -8 cm. 


330° 

C. 

290° C. 


Pressure 

k/koo 

Pressure 

k/koo 

mm. 


mm. 


5870 

0.983 

530 

0.938 

587 

0.909 

53 

0.773 

58.7 

0.707 

5.3 

0.490 

5.87 

0.414 

0.53 

0.223 

0.587 

0.173 

0.053 

0.0708 

0.0587 

0.0512 




The agreement is on the whole quite good; it must be remembered 
that the arbitrary constants are all exhausted by fitting the results at a 
single temperature; to fit both curves at once it is necessary to adopt a 
compromise value for the diameter, since the theoretical curves do not have 
quite as great a separation as the experimental ones. This may in part be 
caused by the use of erroneous values for the high pressure rates, since 
it is hard to extrapolate the measured values exactly; the theory is of very 
little help in this extrapolation, since the form of the theoretical curves 
in the region of nearly complete maintenance is quite dependent upon the 
detailed assumptions made. 

The greatest value of s possible for azomethane would be 24; this gives 
results much the same as ^ = 18, but not quite so satisfactory. Other 
forms of the theory give about equally good agreement with the experi¬ 
mental results. It is to be noted, however, that Hinshelwood’s simple 
theory, using the same specific reaction rate for all activated molecules, is 
entirely unsatisfactory. 32 This failure is of three kinds; it cannot account 
at all for the results without rather large diameters or unreasonable inter¬ 
nal energies; it cannot reproduce the shapes of the single curves; and it 
gives only a negligible separation between the theoretical curves for the 
two temperatures, and this is in the wrong direction. 

Before any conclusions can be drawn from the details of the compari- 

S1 The corresponding wave length is about 13.6ft. 

32 Rice and Ramsperger, /. Am. Chem. Soc ., 50:617 (1928); Kassel, /. Phys . 
Chem. t 32:225 (1928). 
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son of theoretical and experimental curves, it is necessary that this com¬ 
parison be made with various substances; thus in this case the excessive 
spread of the experimental curves may be due either to incorrect values 
for k oo or possibly in part to a small amount of surface reaction at the 
lower temperature and the lowest two pressures. If this spread should 
be a general phenomenon it would be necessary to search for modifications 
in the theory which can account for it. 


10.32. The Decomposition of Azo/sopropane.—The decomposition 
of azowopropane has been found by Ramsperger S3 to be similar to that 
of azomethane. The principal reaction is 

(1 ) C s H 7 NNC 8 H 7 = C 6 H 14 + N 2 

and there is a side reaction 


(2 ) C s H 7 NNC 8 H 7 = C 6 H 12 + h 2 + n 2 


which amounts to about 15 per cent of the total, being thus of much greater 
importance than in the case of azomethane. The reaction takes place with 
a convenient rate in a slightly lower temperature range, 250° to 290° C. The 
reaction is of the first order, and the constants are independent of pres¬ 
sure at least down to 0.25 mm., as shown by the results given in Table 
XXVI. 


Table XXVI. Rate of decomposition of asoisopropane. 


Temp. 

Pressure 

k X 10 5 

Temp. 

Pressure 

k X 10 5 

°C. 

mm. 

sec.- 1 

°C. 

mm. 

sec. -1 

250 

17.71 

45.1 

270 

0.857 

204 


3.88 

46.1 


0.850 

184* 


0.785 

46.7 


0.550 

195* 





0.283 

180* 

260 

46.0 

103 


0.257 

181** 


40.9 

98 





29.4 

100 

280 

30.80 

388 


17.5 

98 


7.70 

396 


0.926 

102 







290 

3.685 

796 

270 

35.15 

199 


0.919 

746 


19.17 

201 





6.49 

214 





1.37 

190** 





1.13 

186** 





1.06 

184* 





The experiments marked with a * were made with azoirapropane from a dif¬ 
ferent preparation than that used for the other runs, and those with ** with this 
different preparation and in a flask containing added surface. 


Ramsperger, 7. Am. Chew . Soc., 50:714 (1928). 
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The results of all the experiments are in good agreement with the equation 
k = 571 X 10 13 e-* 000 °/ RT 
as is shown by Table XXVII. 

Table XXVII. Temperature coefficient of aaolsopropane decomposition. 


Temp. 

Av. k X 10 5 , obs. 

k X 10 5 , calc. 

°C. 

sec.- 1 

sec. -1 

290 

771 

729 

280 

392 

392 

270 

192 

198 

260 

100 

97.1 

250 

46.0 

46.4 


Ramsperger has calculated the number of degrees of freedom necessary 
to account for maintenance of the rate down to 0.25 mm., using a classical 
model for the molecule, and finds about 25 as the lower limit. This is to 
be compared with the value 12-13 needed for azomethane. 84 Kassel 35 
finds that a model with 46 degrees of freedom of the same frequency as 
those used for the 18 degrees of freedom of azomethane and with a 
diameter of 4.5 X 10~ 8 cm. will give about 95 per cent maintenance of 
the rate at 0.25 mm. and 300° C. This model has, at 525° K., an internal 
molecular heat of 67 cal./deg., and an internal heat content of 15000 cal.; 
the corresponding values for the model with 25 classical oscillators are 
50 cal./deg. and 26000 cal. Although these figures may seem large, it 
must not be forgotten that the molecule in question is very complex. 

10.33. The Decomposition of Methylisopropyl Diimide.—Con¬ 
tinuing this study, Ramsperger 36 has measured the rate of decomposition 
of the mixed compound, methyluopropyl diimide; the results of this work 
are particularly interesting in comparison with those of the dimethyl and 
diwpropyl derivatives. The main reaction is represented by 

(1) CH 3 NNC 3 H 7 = N 2 + *C 2 He + ^C 6 H 14 + (1 - 2x) QH 10 
and there is a side reaction which seems to be given by 

(2) CHsNNCaHr = N* -f CH 4 + C 3 H 6 

The final pressure is 2.18 times the initial. Ramsperger found that 17.6 
per cent of the reaction products were condensable at —78° C. at an initial 
pressure of about 110 mm., and that most of this condensation occurred 

84 Rice and Ramsperger, /. Am. Chem. Soc 50:617 (1928). 

86 Kassel, /. Am. Chem. Soc., 50:1344 (1928). 

80 Ramsperger, /. Am. Chem. Soc., 51: 2134 (1929). 
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between —20° and —50°. If, in (1) above, x were zero, only wobutane 
would condense; it would have an initial pressure of 110/2.18 or 50.5 mm., 
which is the vapor pressure of ^abutane at —73°. At —78° the vapor 
pressure is only 35.6 mm., so that between —73° and —78° 14.9 mm. or 

13.5 per cent of the gas would have condensed. This does not agree at 
ail with Ramsperger’s results. Now the vapor pressure of diiropropyl 
is 44,7 mm. at —10° and probably less than 5 mm. at —50°; if there 
were any considerable amount of it present, it would condense out mostly 
between —20° and -—50° in agreement with experiment; but if the entire 

17.6 per cent is taken as diimpropyl, the value of x is found to be 0.468, 
and that of 1 — 2x, 0.066. This result is very unexpected, since it is hard 
to see how the value of x can be much greater than 0.25 or that of 1 — 2x 
less than 0.50. The reason for this is that it does not make any difference 
what relative rates are taken for the formation of ethane and dmopropyl, 
if the rate of formation of wbutane is in mean proportion between them, 
the relative amounts of the three hydrocarbons will be 25:25: 50, and it 
is necessary to make the rate of formation of irabutane much less than 
would reasonably be expected to bring the amount of butane down suffi¬ 
ciently. Thus if the rates of formation of the three hydrocarbons are 
given by second order equations, it is necessary to take them as propor¬ 
tional to a 2 m 2 for ethane, 0.137 amp for imbutane, and p 2 for dmopropyl, 
where m and p are the concentrations of methyl and impropyl radicals 
and a is any constant. The value to be expected from a collision theory 
for irobutane would be in the neighborhood of 2 amp, about 15 times 
greater than the calculated one. 37 These calculations are not conclusive 
but they are sufficient to throw grave doubt on the analytical result. It 
is possible that quite appreciable amounts of imbutane dissolve in the 
condensate, thus vitiating the results obtained. In the absence of some 
confirmatory determination of either imbutane or ethane, it cannot be 
considered certain that the amount of uobutane is really so small. 38 It is 
clear, in any case, that there are large amounts of diiropropyl formed, 
and therefore that at least for a large share of the reacting molecules the 
two hydrocarbon radicals do not come together and form a stable molecule 
at the instant of reaction. 

37 Ramsperger has made an error in the calculations at this point; he supposes 
that the amounts of the three hydrocarbons formed will be proportional to the three 
rate constants; this is not so, since the concentrations of the methyl and isopropyl 
radicals will not be equal, but will necessarily adjust themselves to give equal amounts 
of ethriT, rr. . \ thus balancing the chemical equation. 

88 ^, ■■ communication) is now of the opinion that no great weight 
should be placed on the results of analyses by fractional condensation. The proba¬ 
bility that the determination of diuopropyl was somewhat high due to solution of 
other vapors was mentioned in the original article, but the numerical error men¬ 
tioned m the preceding note made the analytical result seem reasonable. 
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The energy of activation, as will be seen presently, is but slightly more 
than half way between the activation energies of azomethane and azowo- 
propane; this is considered by Ramsperger as evidence that the two radicals 
do split off in one elementary process, since otherwise the break in 
methyluopropyl diimide would usually occur at the weaker is-opropyl link¬ 
age and the energy required would not be greatly different than for 
azoisopropane. This argument is not conclusive, since there is no neces¬ 
sary equality between the energy of activation, which is an average energy, 
and the actual minimum energy required to break the bond. In the form 
of theory given by Rice and Ramsperger and by Kassel this equality 
exists, but in the quantum theory form of Rice it does not; nevertheless, 
for this latter form of theory also the critical energies are in about the 
same relation as are the energies of activation, and this result may be a 
general one. Of course, the primary process will not involve the rupture 
of two bonds unless this requires less energy than would.be needed to 
break either of them alone; this case, in which by breaking two bonds it 
would be possible to form the enormously stable nitrogen molecule, might 
well be of such a type. 

These considerations thus lead to a tentative mechanism for the decom¬ 
position of this series of azocompounds: the initial splitting of the molecule 
into two alkyl radicals and a molecule of nitrogen, followed by subsequent 
reactions between the free radicals; on this view the side reactions may 
well result from variations in the latter steps rather than in the primary 
process. In fact, Taylor and Jones, 39 who seem to have obtained free 
ethyl radicals by the decomposition of metal alkyls, obtained a much 
greater variety of products, including unsaturated liquid hydrocarbons, 
than were found by Ramsperger. 

Kinetically, the results with methylwnpropyl diimide are intermediate 
between those for the two simpler compounds; the reaction is first order 
at high enough pressures, the results between 250° and 285° C. being fitted 
by the equation 

k = 2.80 X 10 15 g-^so/tfTsecr 1 

The measurements extend to 330° C., but at these higher temperatures the 
true high pressure rate was not reached. 

The measurements were made down to pressures of 0.06 mm., the 
lowest reached for any of these compounds. The results are shown in 
Table XXVIII and also in Figure 12 together with the theoretical predic¬ 
tions. These calculations have been made on Rice and Ramsperger s 
theory with 33 classical squared terms, using a diameter of 6 X 10~ 8 cm. 40 

39 Taylor and Jones, J. Am. Chem. Soc., 52 :1111 (1930). . , 

40 Ramsperger has published the results in graphical fora only; I am indebted 
to him for placing at my disposal the unpublished calculations in full* 
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and an Kassel’s quantum theory, using 32 degrees of freedom (64 squared 
terms) of the same frequency as was taken for the calculations with azo¬ 
methane and azofmpropane; the diameter in this case must be chosen as 
0.9 X 10“ 8 cm. The two sets of theoretical curves are seen to be almost 
the same, the spread of the quantum theory curves being slightly greater; 
the diameter that must be taken in this case is too small, however, and to 
correct this the frequency used would have to be increased slightly; this 



Figure 12. 

Decomposition of methyl isopropyl diimide. The solid lines are theoretical curves 
for the quantized model, the dotted lines for the classical model; the temperatures 
corresponding to these curves, reading from top to bottom, are 270°, 300° and 330° C. 
The circles represent values; solid black for experiments at 322° and 

332°; half black for ■ , 3! ■ ; light for 260°, 270° C. 

would give a decrease in the spread so that the two sets of curves would 
probably become almost indistinguishable. 


Table XXVIII. Decomposition of methylhopropyl diimide. 


Temp. 

0 C. 

Initial pressure 

k X 10 5 

ar 

ar* 

8 

250.0 

oo, calc. 

4.02 



45,3 mm. 

4.09 

1.018 

259.1 

oo, calc. 

8.76 



65.4 mm. 

8.8 

i'.oos 

260.0 

oo, calc. 

9.46 



6.90 mm. 

5.44 

0.575 


1.42 

5.0 

0.529 
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Table XXVIII— (Continued). 


Temp. 

°C. 

Initial pressure 

k X 10 ! 

k/koo 

270.0 

co, calc. 

21.6 

«... 


oo, extrap. 

23.3 

.... 


93.2 mm. 

22.0 

0.944 


32.4 

21.0 

0.901 


6.73 

17.1 

0.734 


6.37 

15.7 

0.674 


1.28 

11.7 

0.502 


.583 

10.7 

0.459 


.430 

10.6 

0.455 


.123 

7.7 

0.330 

28S.0 

co, calc. 

70.6 

.... 


co, extrap. 

74.1 

0.964 


131.2 mm. 

71.4 


32.9 

68.6 

0.926 


25.3 

60.0 

0.810 


7.81 

53.3 

0.719 


1.94 

37.9 

0.511 


1.52 

42.6 

0.575 


1.36 

34.6 

0.467 


.606 

32.5 

0.439 


.168 

29.7 

0.401 

300.0 

oo, calc. 

216 

.... 


oo, extrap. 

310 

.... 


7.09 

169 

0.782 


4.44 

133 

0.616 


.378 

97 

0.449 


.058 

44.5 

0.206 

310.0 

oo, calc. 

442 

.... 


oo, extrap. 

426 

0.925 


40.4 

394 


6.04 

322 

0.756 


1.95 

247 

0.580 


. .938 

198 

0.465 


.215 

139 

0.326 

322.0 

oo, calc. 

1010 

.... 


oo, extrap. 

1020 

0.676 


6,90 

690 


3.90 

554 

0.543 


1.24 

456 

0.447 


0.91 

501 

0.500 


0.40 

384 

0.376 


0.233 

350 

0.343 


0.133 

325 

0.319 

332.0 

oo, calc. 

1960 

0.500 

1.34 

980 


0.175 

553 

0.282 


0,080 

420 

0.214 


The k values given opposite oo, calc, are obtained from the equation & = 2.80 
X 1015 e-474S0/RT ; those opposite oo, extrap, when such an entry appears, are ob¬ 
tained by extrapolation of a plot of \/k against 1/ P the agreement is good, except 
at 300°, where it is based on two points only; where this entry does not appear, the 
data are not suitable for extrapolation. The values k/koo in the fourth column are 
based on the extrapolated koo value when this is given, except at 300 C.; here, and 
where the extrapolation is not made, they are based on koo calc* 




202 KINETICS OF HOM0GENE0 US GAS REACTIONS 


Figure 12 shows that the experimental results are in very good agree¬ 
ment with the theory; there is some scattering of the points, but it is clear 
that the spread between the theoretical curves is about right; these results 
cover a wider range of temperature than those for azomethane, and thus 
show that the excessive spread observed in that case, even if it is real, is 
not a general phenomenon. 

It is worth noting that the results for these azo compounds show 
considerable regularity. The numbers of vibrational degrees of freedom 
in the three cases are 24, 42, and 60; the numbers of classical squared terms 
needed to fit the results, using reasonable diameters, are 25, 33 and >40, 
thus being nearly half of the total available number in each case; the 
numbers of degrees of freedom, necessary, using a frequency of about 
2.2 X 10 13 seer 1 , are 18, 32 and >46; these numbers are obtained from 
the total available number by subtracting the number of hydrogen atoms 
in the molecule. The idea upon which this process is based is that there 
is certainly one vibration of high frequency associated with a C-H bond, 
corresponding to the characteristic wave length 3 pi. Such a vibration 
would be practically without effect on the rate of reaction since it would 
almost never be thermally excited; this argument is a very crude one and 
no real significance can be attached to it; but it is clear that the molecular 
complexity required to account for the falling off in rate increases steadily 
for this series just as the true molecular complexity does. We shall see 
later that for the series of alkyl ethers this is not true. 

10.34. The Decomposition o£ Dimethyltriazene. —This reaction has 
been studied by Ramsperger and Leermakers. 41 The final pressure is 
2.175 times the initial. A crude analysis of the products was made by 
freezing out at various temperatures: 


Temp. 

Pressure 

Per Cent 

°C. 

cm. 

uncondensed 

20 

9.60 

100 

— 20 

9.05 

94 

— 79 

6.80 

71 

— Ill 

6.25 

65 

—183 

5.25 

55 


Titration with acid and phenolphthalein gave 0.64 moles of base per mole 
of initial material. The most likely reactions are 

(1) CH S —N=N—NHCH 3 = N* + (CH 3 ) 2 NH 

( 2 ) ch 3 —n=n-~nhch 8 = n 2 + y 2 c 2 h 0 + xch 3 nhnhch 8 

(3) CH 8 —N=N—NHCH 3 = %N, + CH 4 + ^C 2 H Q 

(4) CH 8 —N=N—NHCH 8 = %N, 2 + QH 6 + / 2 H 2 

41 Ramsperger and Leermakers, /. Am. Chew. Soc ., 53 : 2061 (1931). 
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Of these, the first two are analogous to the reactions found with other azo 
compounds. The gas which freezes out at —20° C. is presumably di- 
methylhydrazine. The 6 per cent of this gas must be associated with 12 
per cent of nitrogen and 6 per cent of ethane. The vapor pressure of 
dimethylamine at —79° C. is probably about 1 mm.; hence it should 
apparently constitute 23 per cent of the products; it is associated with 
23 per cent of nitrogen. We thus have so far 6 per cent CH S NHNHCH 3 , 
23 per cent (CH 3 ) 2 NH, 6 per cent C 2 H 6 , 35 per cent N 2 . Between 
—79° C. and —183° C. the ethane condenses; there is thus apparently 
16 per cent ethane, of which 6 per cent has been accounted for. The 
remaining 10 per cent is exactly one-third of the unassigned gas, and can 
thus be given by (4) along with 15 per cent nitrogen and 5 per cent 
hydrogen. According to this analysis the products are 6 per cent 
CH 3 NHNHCH 3 , 23 per cent (CH 3 ) 2 NH, 16 per cent C 2 H 6 , 50 per cent 
N 2 , 5 per cent H 2 . For every 100 moles of products, 23 moles of di- 
methyltriazene react by (1), 12 by (2), 10 by (4). Thus 45 moles yield 
100 moles of product, a pressure increase of 1.22 fold, which compares 
very favorably with that observed. Also, the products contain 0.64 moles 
of base per mole of dimethyltriazene, in exact agreement with the direct 
determination. This analysis is of course only approximate, but it seems 
to show rather clearly that about 80 per cent of the reaction is given by 
( 1 ) and ( 2 ), and is thus of the regular azo compound type. The relative 
amounts of reaction following ( 1 ) and ( 2 ) are not so close as might be 
expected; the discrepancy is in the opposite direction to that given by the 
less accurate fractionation analysis of the reaction products of methyl- 
iropropyldiimide; the results for that reaction suggest that there may be 
some formation of unsaturated compounds taking place in this case too. 

The rate measurements were made between 200° and 230° C. and 
from 0.19 to 80 mm. Above about 10 mm., the first order constants are 
independent of pressure, and are given by 

=4.05 X lCTV 88800 /-^ seer 1 

At lower pressures the rate falls off, reaching in these experiments about 
one-third of the high pressure value. The pressure trend of the constants 
can be fitted in the usual way by a model containing 7 classical oscillators, 
using a diameter of 6 X 10~ 8 cm. This is a definitely smaller number than 
the 12 needed for the simpler molecule azomethane. The results at the 
lowest pressures suggest that in this region the rate is approaching con¬ 
stancy again, though the experimental accuracy is too small to decide the 
matter definitely. If this effect is real, it is probably due to the existence 
of two sets of vibrations in the molecule between which energy transfers 
take place with difficulty, as has been suggested by Rice ; 42 see Section 

±2 Rice, Z. physik. Chew., 7B : 226 (1930). 
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5.81. In this case, the rate will fall off again at lower pressures, and in 
this region more degrees of freedom will be needed to account for the 
results. This is, of course, highly speculative; experimental work at lower 
pressures would be well worth while. 

10.4. The Decomposition of Aliphatic Ethers.—Hinshelwood and 
his students have studied the decomposition of six of the simpler aliphatic 
ethers: dimethyl, diethyl, methyl ethyl, methylpropyl, dmopropyl, and to 
a lesser extent dipropyl ether. These decompositions are all homo¬ 
geneous reactions in the neighborhood of 400° to 500° C., and in general 
they are first order at the higher pressures, but show a decrease in rate as 
the pressure is lowered. This decrease, in most cases, becomes prominent 
at pressures rather higher than for the azo compounds. It is unfortunate 
that most of the ether decompositions result in a variety of products and 
do not correspond at all well to a simple chemical equation. Nevertheless 
they constitute an important class of reactions, especially since similar 
results have not as yet been obtained in more ideal cases. 

10.41. The Decomposition of Dimethyl Ether.—This reaction was 
studied by Hinshelwood and Askey. 43 The completed reaction corresponds 
quite well to the simple equation 

(1) CH 3 OCH 3 = CH 4 + H 2 + CO 

a typical analysis of the products giving 34.5 per cent CH 4 , 33.5 per cent 
H 2 and 32 per cent CO. Formaldehyde is formed as an intermediate 
product, and throughout almost the entire course of the reaction this sub¬ 
stance is present in considerable quantities. It thus requires careful con¬ 
sideration to justify the simple manometric method by which Hinshelwood 
and Askey followed the reaction. The quantity of formaldehyde present 
at various stages in the decomposition was determined by withdrawing a 
sample and analyzing; in this way it was found that the ratio of the amount 
of formaldehyde present at any time to the original amount of methyl 
ether taken depended upon the percentage decomposition attained but not 
upon the pressure; that is, a given percentage pressure increase corre¬ 
sponded to a definite per cent of decomposition, no matter what the 
initial pressure. The results of these analyses are shown in Table XXIX. 
These figures show clearly that under the experimental conditions in 
question the formaldehyde disappears by a process which is essentially first 
order; the evidence for this is twofold: the independence of the figures in 
column four of the initial pressure requires the ether and the formalde¬ 
hyde to be decomposed by processes of the same order, and it is actually 

43 Hinshelwood and Askey, Proc. Roy. Soc. f 115A:215 (1927). 
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Table XXIX. Percentage of formaldehyde present in the decomposition of 
dimethyl ether at various pressures. 


Initial 

Pressure 

Pressure 

F ormalde- 

Ether 

Formalde¬ 

pressure 

increase 

of for¬ 

hyde: initial 

decomposi¬ 

hyde : 

ether 

in % 

maldehyde 

ether 

tion in °/o 

ether 

mm. 


mm. 




401 

10 

31 

0.077 

8.8 

0.085 

412 

20 

39 

0.095 

15 

0.11 

112 

20 

11 

0.098 

15 

0.12 

405 

50 

50 

0.123 

31 

0.18 

115 

50 

13 

0.113 

31 

0.16 

396 

100 

43 

0.109 

55 

0.24 

113 

100 

9 

0.080 

54 

0.17 

416 

150 

22 

0.053 

78 

0.24 

123 

150 

6 

0.05 

78 

0.22 


Here the first column shows the initial pressure of ether and the second the pres¬ 
sure increase determined manometrically; the third column gives the amount of 
formaldehyde present, as determined by analysis; the fourth column shows the ratio 
of the formaldehyde, to the original amount of ether; the fifth column gives the 
per cent of the original ether which has decomposed, calculated on the assumption 
that the only gases present are ether, formaldehyde, hydrogen, methane and carbon 
monoxide; the sixth column gives the ratio of formaldehyde to the amount of ether 
left undecomposed. 

possible to calculate roughly what the rate constant for the formaldehyde 
decomposition is. This may be done as follows: 

Let A and B be the concentrations of ether and of formaldehyde. 
Assume that both decompositions are first order, and that every molecule 
of ether which decomposes forms a molecule of formaldehyde. Then 
we have 

— dA/dt = k±A 

— dB/dt = k 2 B — A 

where k± and k 2 are the rate constants for the decompositions of ether and 
of formaldehyde. The initial conditions are A = A 0 , B = 0 at t = 0. 
The first equation may be immediately integrated to give 

' A — A 0 e~ klt 

When this is substituted in the second equation the result may be written 

dB + - k±A 0 e-te)dt = 0 

This may be integrated after multiplication with the factor e kst . The re¬ 
sult is 

B = 7~~j-A 0 (rW - e**) 

te% — tei 
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and we see that 



[1 _ e (h-h)t] 


Now from each value for the percentage decomposition in Table XXIX 
we may calculate fat, and then by trial a value of fa/fa may be found 
such that B/A is equal to the formaldehyde ether ratio as given by column 
six. If this mechanism is correct, the same value should be found for 
the ratio fa/fa for each experiment. This is actually the case within the 
limit of error involved. If we adopt the value fa/fa — 5.2, we find that 
for 8.8 per cent, 15 per cent, 31 per cent, 54.5 per cent and 78 per cent 
decomposition the formaldehyde ether ratio should be 0.077, 0.118, 0.188, 
0.229 and 0.238 respectively; this last value, 0.238, is the limiting value, 
which will prevail throughout the final stages of the decomposition; these 
results agree fairly well with the ratios of column six. It thus seems 
probable that the formaldehyde actually does decompose by a first order 
process with a rate constant about 5.2 times that for the ether decompo¬ 
sition. There remains, however, one rather important uncertainty. 
Hinshelwood and Askey do not state at what temperature the results of 
Table XXIX were obtained, nor do they present any evidence that these 
results are independent of temperature. If the formaldehyde decompo¬ 
sition were homogeneous, it might have a temperature coefficient not much 
different from that of the ether decomposition; but if, as is more likely, it 
is a wall reaction, with a lower temperature coefficient, then at higher 
temperatures the accumulation of formaldehyde will be greater, the actual 
decomposition corresponding to a given pressure increase will be greater, 
and the calculated rate constants will be too small; this error will thus tend 
to make the observed temperature coefficient too small. 

The method actually used throughout most of the experiments was to 
observe the times required to produce pressure increases of 50 per cent, 
100 per cent and 150 per cent, and to calculate first order rates from 
these times on the assumption that they corresponded to 31 per cent, 55 
per cent and 78 per cent decomposition. The theoretical times for a first 
order reaction are in the ratio 0.46:1.00:1.90, while the average of the 
ratios found in all experiments is 0.46:1.00:1.97. The initial reaction 
is thus first order. 

The rate is dependent upon pressure in the normal way; this is shown 
in Table XXX; here t n is the time required for 31 per cent decompo¬ 
sition (50 per cent pressure increase); this time is inversely proportional 
to the first order rate constant. 

The fact that first order constants are obtained in the separate runs 
must mean that the reaction products are about as effective as ether itself 
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Table XXX. Decomposition of dimethyl ether at 504° C. 


Initial 


Initial 


pressure 

tsi 

pressure 

tn 

mm. 

sec. 

mm. 

sec. 

894 

497 

312 

665 

807 

559 

261 

670 

636 

538 

241 

667 

586 

484 

171 

824 

509 

465 

150 

900 

422 

508 

91 

1140 

394 

590 

58 

1500 

321 

625 

28 

1980 


in maintaining the rate; this influence is found to rest almost entirely with 
the hydrogen, as is shown by Table XXXI. 

Table XXXI. Decomposition of dimethyl ether at 504° C. 


Initial 

Initial 


pressure 

pressure 


ether 

hydrogen 

tn 

mm. 

mm. 

sec. 

27 

400 

538 

50 

403 

476 

140 

638 

501 

146 

672 

501 

150 

401 

495 

150 

600 

475 

244 

397 

523 

154 

200 

665 

154 

300 

523 

148 

400 

461 


Nitrogen, helium, carbon monoxide and carbon dioxide are all found to 

have little or no effect upon the rate. 1 _ 

The results of these experiments are shown graphically in figures 10 
and 14 In Figure 13 we plot f 81 against 1/p ; on Hinshelwood’s simple 
form of theory this plot should be a straight line, which it clearly is not; 
the plot is shown here, however, not to exhibit again the failure of this 
linear relationship, but to make the best possible extrapolation to the true 
high pressure rate; it is evident that (f si )oo cannot be more than 400 
sec. and that the best value which can be obtained from these results is 
370 sec. The curve shows also that to get within 5 per cent (20 sec.) o 
the true value at this temperature, it would be necessary to work at about 
4000 mm. The first order constant which corresponds to f si — 370 sec. 
is 100 X 10" B sec.' 1 , which is about twice the value that Hinshelwood and 
Askey finally adopt. In Figure 14 there is given a plot of log f sl against 
log /• this plot shows also the experiments made with hydrogen added 
the logarithm of the total initial pressure, ether plus hydrogen, being used 
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Decomposition of dimethyl ether. Extrapolation to high pressure rate. 



Af^P eC i° mp0S ^? n -°* methyl ether. The light circles are experiments with methy 
etier alone, dark circles with hydrogen added. The solid line is the theoretical curvi 

f nL C a !f « a ,i t v eo - y , Wlth ^ ve oscillators and a diameter of 7 X 1(H cm. The hod 
zontal dotted line shows the position of the high pressure rate. 
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to give the abscissae; since the points obtained in this way agree within 
the error of the experiments with those for ether alone, we may conclude 
that the effect of hydrogen in maintaining the rate is about equal to that 
of ether itself. The theoretical curves shown in Figure 14 will be dis¬ 
cussed presently. 

The actual procedure by which Hinshelwood and Askey have obtained 
their “high pressure” velocity constants is not clear. Table XXXII re¬ 
produces a table they give, with the insertion of two extra columns. 


Table XXXII. Decomposition of dimethyl ether . 

£ eqn X10 6 


Temp. 

fas 

kcurva X 10° 

A(*»)X 10 5 

fceqnXlO 5 

recalc. 

°C. 

sec. 

sec.- 1 

sec.” 1 

sec.- 1 

sec. -1 

552 

73 

431 

510 

430 

485 

522 

248 

113 

149 

112 

126 

504 

494 

54.4 

75 

46.7 

53.5 

478 

2293 

12,7 

16.1 

12.5 

14.4 

452 

8940 

3.17 

4.1 

3.11 

3.53 

422 

51420 

0.447 

0.72 

0.531 

0.612 


Here the second column gives the time for 25% apparent decomposition, that is, 
31% true decomposition; we follow here the notation of Hinshelwood and Askey. 
The third column gives the reaction rate as deduced from an experimental curve; 
the manner in which this is done, to correct for the presence of formaldehyde, is not 
stated. The fourth column gives the first order constants which can be computed 
from the values given for t m ; it may be noted that these are all higher than the 
constants from the curves, by amounts ranging from 18% to 61%; this column 
represents one of the insertions. The fifth column gives the rates which Hinshelwood 
and Askey calculate from the equation 

In k = 30.36 — SZSWRT 

and the sixth column (the other insertion) the rates which actually correspond to 
this equation. The latter are all about 14% higher. 

Even the correctly calculated rates from the equation 

In A = 30.36- 58500 /RT 

which Hinshelwood and Askey adopt are thus too low; at 504° C., where 
we have the most data, the error is a factor of nearly two. We may thus 
anticipate that the temperature coefficient is in error by an appreciable 
amount. If the relative rates at the two extreme temperatures are correct 
within a factor of two, the fractional error in the energy of activation 
will be log 2/log 1000, or 10 per cent; the energy of activation is thus 
58,000 cal. ± 6,000 cal. As has already been stated, the correct value is 
probably greater than 58,000 cal. 

Hinshelwood and Askey state that about eleven squared terms are 
needed in the energy function to account for the maintenance of the rate 
down to 400 mm.; this calculation is made on Hinshelwood’s form of 
theory, using a constant energy of activation for all the molecules. It is 
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better to make the calculation in a more precise way than they have done. 
The straight line in Figure 13 has the equation 

*/*oo = 1 + 2 - 87 x io yp = k^/k 

when p is in dynes. The theoretical equation is 
kjk = 1 + X/aN 

= 1 + X(kT)/ap « ^ V ’ 17 ) 

By comparison of these equations it is found that X = 6.8 X 10 8 . We 
then use (V, 26) in the form 

~ s _ (m±izv _ 

*^0—1)1 ~ A 

where 

17= So — (r-l)(jfe7) 

is the energy of activation. Upon substituting the values 

& = 1.00 X 10' 3 sec. -1 
U = 58,500 cal./mole 

it is found that 

/O) =4.3X10* 

We may calculate that /(7) = 2.4 X 10*, /(8) = 6.6 X 10*. Hence 14 to 
16 squared terms are required. 

It is to be understood, of course, that the results do not fit this simple 
theory with any number of squared terms. What we have done is me rely 
to choose the number so that the initial falling off shall occur at the right 
rate; the theory will then predict a falling off at lower pressures which is 
much too great. If we use the classical theory of Section 5.7 more satis¬ 
factory results are obtained. Figure 14 shows the theoretical curve for 
10 squared terms; the agreement is everywhere within the experimental 
error. An equally good fit could be obtained by using a quantum form 
of the theory with a greater number of squared terms. If the entire 21 
degrees of freedom (42 squared terms) which are theoretically available 
were used, however, the frequencies necessary would be very high. There 
is thus a difference between this case and the azo compounds, the rate 
falling off at markedly higher pressures in the former case, without any 
obvious reason. This point will be discussed in more detail after all of 
the ether decompositions have been considered. 

47 The k which occurs in ( kT ) is of course Boltzmann’s constant 
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10.42. The Decomposition of Methylethyl Ether.—This reaction 
was studied by Glass and Hinshelwood. 48 The main course of the decom¬ 
position is given by the equation 

CH 3 OC 2 H 5 = CO + 2CH 4 

the gaseous reaction products corresponding fairly well to the composition 
required; thus the results of analysis after decomposition at two different 
temperatures were : 

Temp. Unsaturated 

° c. CH 4 CO COa hydrocarbons 

- Per Cent- 

430 64.5 33.0 .. 2.5 

444 63.6 33.8 1.2 1.4 

Nevertheless, the total pressure increase is not 200 per cent but only about 
168 to 171 per cent, and a small amount of tar is formed. It thus ap¬ 
pears that about 90 per cent of the ether decomposes and 10 per cent 
condenses. The reaction is predominantly homogeneous, though at the 
lower pressures and temperatures not entirely so. The first order con¬ 
stants calculated from point to point during a run first increase and later 
decrease, the main cause for this being in all probability an intermediate 
formation of acetaldehyde, analogous to the formation of formaldehyde 
with methyl ether. Nevertheless, the times for a given fraction of the 
pressure increase are apparently approaching independence of the pres¬ 
sure as the pressure increases. It is known that the decomposition of 
acetaldehyde is of a higher order than the first 49 and it would therefore 
be possible in principle for the disturbing influence due to the slow sub¬ 
sequent decomposition of the acetaldehyde to decrease as the pressure 
increased; but the actual rate of the decomposition is too low to support 
such a view. We are therefore compelled to use the times needed for a 
50 or 100 per cent pressure increase as a measure of the reaction rate, 
without being sure that they represent a constant amount of decompo¬ 
sition at all temperatures and pressures. The dependence of these quan¬ 
tities upon the pressure is shown in Table XXXIII and in Figures 15 
and 16. 

It can be seen from Figure 15 that at neither temperature has the high 
pressure rate been reached; to get within 5 per cent of it a pressure of 
about 2500 mm. would be needed; the values (£ 50)00 = 126 sec. at 430° C. 
and (* 1 , 00)00 = 108 sec. at 460° C. are obtained from this plot. These 
values have then been used in constructing Figure 16, which appears to 

48 Glass and Hinshelwood, /. Chem. Soc ., 1929:1804. 

49 Hinshelwood and Hutchison, Proc. Roy. Soc., 111A:380 (1926); Kassel, I. 
Phys. Chem., 34:1166 (1930). 
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Figure 15.—Decomposition of methylethyl ether. The light circles show the time 
for 50 per cent pressure increase at 430° C. plotted against the .reciprocal of the initial 
pressure. The dark circles give the time for 100 per cent pressure increase at 460° C. 
plotted in the same way. 



Figure 16.—The data of Figure 15 are here presented in a log-log plot; there seems 
to be a greater falling off in rate at the higher temperature. 
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Table XXXIII. Decomposition of methylethyl ether. 


430° C. 


Pressure 

tsd 

Pressure 

ts 0 

mm. 

sec. 

mm. 

sec. 

531 

153 

102 

257 

384 

163 

77 

274 

335 

151 

54 

314 

248 

174 

52 

328 

180 

184 

26 

378 

124 

223 




ii 

8 

126 sec. 



0 

o 

5? 

C. 


Pressure 

Pressure 

Pressure 


ether 

hydrogen 

products 

tioo 

mm. 

mm. 

mm. 

sec. 

540 



135 

410 



142 

298 



151 

219 



165 

176 



175 

122 



210 

88 



256 

63 



302 

42 



336 

91 

610 


159 

120 

292 


164 

175 

306 


177 

282 

394 


163 

103 


200 

188 

110 


400 

159 


(koolco = 108 sec. 


show better maintenance of the rate at the lower temperature; this result 
is in agreement with our expectations, but contrary to the opinion of Glass 
and Hinshelwood. The difference arises from the different method used 
for extrapolation to infinite pressure; the method used here is certainly 
more reliable, but even so the error involved is great enough to prevent 
the definite assertion that the separation of the curves in Figure 16 is real. 

It can be seen from Table XXXIII that hydrogen is less effective in 
maintaining the rate than is usually the case; in fact, in two of the four 
experiments, the rate was actually lower than in corresponding ones 
without hydrogen. The reaction products are rather more effective, 
apparently about one-third as effective as the ether itself, so that they are 
just about able to replace the ether they are formed from. 

The temperature coefficient may be calculated from the results given 
in Table XXXIV. 



214 KINETICS OF HOMOGENEOUS GAS REACTIONS 


Table XXXIV. Decomposition of methylethyl ether . 


Temp. 

U o (obs.) 

£so (calc.) 

0 C. 

sec. 

sec. 

460 

39 

39.5 

430 

155 

156 

400 

670 

699 

386 

1564 

1474 


The values of t 50 (calc.) are taken from the equation 
t 5Q = 3.8 X l(h*V TO0 °/* r 


If it is supposed that 50 per cent pressure increase corresponds to 29 
per cent reaction, which must be approximately correct, 60 we have the 
relation 


and hence 


kt 5Q = 0.65 


ft = 1.7 X lO 12 ^ 7000 /* 1, seer 1 
In k = 28.17 — 47000/RT 


This result is uncertain for two causes; the rates at the higher tempera¬ 
tures are probably considerably too low, while those at the lower tem¬ 
peratures may be a little high, due to a slight wall reaction; the use of 
values of t 50 without proof that they correspond to a definite fraction of 
the entire reaction is questionable. 

Glass and Hinshelwood, using Hinshelwood’s simple theory, find that 
9 squared terms are needed to account for the place at which the rate first 
falls off; when the calculation is made in the more precise way used for 
methyl ether in the previous section, it is found that 12 squared terms are 
needed. In either case, fewer squared terms are required for methylethyl 
ether than for the simpler methyl ether. This difference may possibly 
be due to an error in the experimental values for the energies of activation. 

10.43. The Decomposition of Methylpropyl Ether.—This reaction 
also was^ studied by Glass and Hinshelwood. 51 The main course of the 
reaction is given by 


CH 8 OC 8 H t = CO + CH 4 + CaHe 

A small amount, stated not to exceed 10 per cent, of the decomposition 
gives instead the products CO -|- + C 3 H 8 ; there is some condensation 

50 Since the total pressure increase is 170%, the 50% increase is 29% of the total. 
If the condensation also were first order, which is unlikely, then when the pressure 
had increased 50%, 29% of all the ether which would ever decompose would have 
done so; in that case the total rate of disappearance of ether would be exactly 
obtained, and the^ rate of decomposition alone would be 0.9 of this. Without knowl¬ 
edge of the kinetics of condensation, we can calculate only approximate rates 
B1 Glass and Hinshelwood, /. Chem . 1929; 1804. 



FIRST ORDER REACTIONS 


215 


of the original ether, just as in the preceding case, the final pressure being 
2.5 to 2.6 times the initial. When the amount of this condensation is calcu¬ 
lated from the final pressure, with an assumed 200 per cent increase, it is 
found to be 15 per cent; when it is calculated from the per cent of oxides 
of carbon in the products, assuming one oxide molecule for each molecule 
decomposing, the value found is 10 per cent. The intermediate forma¬ 
tion of propionic aldehyde does not appear to occur, since tests for alde¬ 
hydes gave negative results, and the rate of decomposition of the aldehyde 
is known to be small at the temperatures used. There is a slight wall 
effect, mainly an acceleration of the condensation reaction, but the main 
reaction is stated to be nearly homogeneous. The dependence of the rate 
upon the initial pressure is shown by Table XXXV and by Figures 17 
and 18. 


Table XXXV. Decomposition of methylpropyt ether at 425 ° C. 


Pressure 

t&) 

Pressure 

too 

Pressure 

tso 

mm. 

sec. 

mm. 

sec. 

mm. 

sec. 

336 

216 

181 

201 

Ill 

230 

281.5 

210 

142.5 

213 

77 

270 

228 

207 

137 

216 

46.5 

345 

195.5 

216 

118 

219 

22 

393 


Here t 50 probably represents about 32 per cent decomposition, though 
this is not certain. In this case, as can be seen from Figure 17 the ex¬ 
trapolation to the high pressure rate is more than usually uncertain. If 
the four runs made at highest pressures were omitted, the other points 
would be in good agreement with a linear extrapolation, leading to the 
value (t 50 )oo = 140 sec. These last points all lie far above the line of the 
others, and might appear to suggest that the slope of the line is decreasing 
as it approaches the axis; we cannot accept this conclusion, however, and 
it is thus necessary to treat the entire group of nine points pretty much as 
a single point and to make a linear extrapolation on this basis; this leads 
to a value of 175 sec. for (f 6 o)cx)> but the uncertainty is quite large. On 
the basis of this extrapolation we can calculate that the rate would fall 
5 per cent below its high pressure value at about 830 mm., though the 
probable error of this value is large. Glass and Hinshelwood give as the 
pressures at which the rate has fallen to half of the high pressure value: 
458° C., 95 mm.; 437° C., 50 mm.; 425° G, 20 mm.; since they use high 
pressure rates which are too low, the actual pressures are somewhat 
greater than these. These figures show, however, that in this case at least, 
the rate falls off faster at higher temperatures. 

Hydrogen is stated to have its usual effect in maintaining the rate, 
but no figures are given. The reaction products are quite effective, and 
this effect is not due to carbon monoxide. 



Figure 18. 

Decomposition of methylpropyl ether at 425° C. 
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Table XXXVI. Decomposition of methylpropyl ether at 450° C, 

tso 

sec. 

64.5 mm. ether. 164 

67 mm. ether 4-228 mm. reaction products. 70 

62 mm. ether + 220 mm. reaction products. 67 

213 mm. ether. 70 

56 mm. ether + 220 mm. carbon monoxide. 176 


It thus appears that 225 mm. of the products are as effective as 150 mm. 
of the ether, so that the products rather more than replace the ether from 
which they were formed. 

The dependence of the rate upon temperature is shown by Table 
XXXVII. 


Table XXXVII. Decomposition of methylpropyl ether . 


Temp. 

tso (obs.) 

tso (calc.) 

° C. 

sec. 

sec. 

450 

62 

57 

440 

94 

91 

430 

149 

150 

425 

195 

192 

420 

255 

248 

410 

416 

418 

400 

846 

713 


The values of t 50 (calc.) are from the equation 

* 60 = 8.7 X 10- 1 V 9000 /*^ 

if it is assumed that this corresponds to 32 per cent decomposition, the 
corresponding rate becomes 

k = 8.4 X 10 l2 ^ 4900 °/ J?:r secr 1 
In fe “ 29.76 — 49000/RT 

As in the preceding cases, this equation must be supposed only approxi¬ 
mately correct. 

Glass and Hinshelwood state that 12 squared terms are needed to 
account for the place at which the rate first falls off; the same number is 
found when the calculation is made to fit the straight line portion of 
Figure 17, assuming the value 175 sec. for (^o)oo 1 ^ * s possible that a 
larger value should be used, in which case the number of squared terms 
necessary would be slightly increased. 

10.44. The Decomposition of Diethyl Ether. —This reaction was 
the first of the ether decompositions to be studied by Hinshelwood. 52 
The reaction products have the analysis shown in Table XXXVIII. 

62 Hinshelwood, Proc. Roy. Soc. t 114A:84 (1927). 
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Table XXXVIII. Products of decomposition of diethyl ether. 

587° C. 477° C. 

-Per Cent- 


CO . 28.7 27.9 

CPU . 55.3 54.4 

GH 4 . 7.8 8.9 

GH« . 8.2 8.8 

CO a . 0.0 0.0 


The total pressure increase was in general about 188 per cent. This is 
rather less than corresponds to the equation Hinshelwood gives as repre¬ 
senting the main reaction 

C 2 H 5 OC 2 H 5 = CO + 2CH 4 + JC 2 H 4 

and also less than corresponds to the low percentage of CO in the products. 
These facts suggest that there is some condensation of the original ether; 
either on the basis of the assumed equation, or with the assumption that 
each molecule of ether which decomposes produces one molecule of CO, 
the amount of condensation may be calculated; it is found to be 18 per 
cent. It is stated also that at the lower pressures the total pressure in¬ 
crease may have been somewhat larger, approaching 210 per cent (11 
per cent condensation), though the accuracy was insufficient to establish 
this point definitely. 

The decomposition is as usual about first order during a run, and the 
rate decreases when lower initial pressures are used. This is shown by 
Table XXXIX and Figure 19. 

Table XXXIX. Decomposition of diethyl ether at 525° C. 


Pressure 

tso 

Pressure 

tso 

mm. 

sec. 

mm. 

sec. 

487 

262 

145 

434 

403 

280 

93 

512 

382 

306 

51 

636 

302 

326 

25 

765 

210 

333 



Here t 5Q probably corresponds to about 26.6 per cent decomposition. 

A plot of t 50 against 1/p gives for the most probable high pressure 
value 211 sec., and for the pressure at which the rate would have fallen 
off 5 per cent, 3000 mm. 

The effect of foreign gases is somewhat peculiar in this case. Hydro¬ 
gen exerts its customary effect, as shown by the solid circles in Figure 
19, the reaction products are stated to have a slight retarding effect at 
all pressures, and the figures given show that at low pressures this effect 
is considerable; nevertheless, the constants do not fall off during a run 
as might be expected; nitrogen and helium are without influence on the 
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rate. The peculiar effect of the reaction products suggests strongly that 
the good first order constants obtained during a single run are fictitious* 
and result from the approximate cancellation of two opposing factors. 
It is very unlikely that the reaction products can exert any retarding in- 



1-50 200 log p 2-50 


Figure 19. 

Decomposition of diethyl ether at 525° C. The light circles are experiments with 
ether alone, the dark circles with hydrogen added. 

fluence on the initial unimolecular reaction, and it may be considered more 
probable that they alter the subsequent steps. 

The energy of activation may be approximately determined from the 
data of Table XL. 


Table XL. Decomposition of diethyl ether. 


Temp. 

ttso 

k X 10 5 (obs.) 

k X 10 B (calc.) 

°C. 

sec. 

sec." 1 

sec." 1 

588 

30 

1030 

973 

555.5 

118 

262 

288 

525 

347 

89.2 

84.3 

474 

3634 

8.52 

8.61 

426 

42050 

0.74 

0.741 


The values of k in the third column are computed from the times for 50 per cent 
pressure increase on the assumption that they correspond to 26.6 per cent reaction. 
Those in the fourth column are calculated from the equation 
k = 2.77 X 10 11 e-ssooo/ier sec.- 1 
In & = 26.35 — S3000/RT 




i 


220 KINETICS OF HOMOGENEOUS GAS REACTIONS 

Hinshelwood takes ISO mm. as the point at which the rate begins to fall 
off, and calculates that 8 squared terms are necessary. About the same 
number are found when the calculation is made in the more precise way 
which has been described. 

The general discussion of all these results is reserved until all of the 
available data on ethers shall have been presented; nevertheless, it seems 
well to point out here the anomaly that for methyl ether the energy of 
activation found is 58,500 cal., for ethyl ether, 53,000 cal., and for methyl- 
ethyl ether 47,000. 

10.45. The Decomposition of Diisopropyl Ether. —This reaction 
also was studied by Glass and Hinshelwood. 53 Dmopropyl ether is the 
most complex ether which has been studied in any detail, and its decom¬ 
position is correspondingly complicated. Glass and Hinshelwood consider 
that the final result of the main gas reaction may be represented by ’ 

(1) (CH 3 ) 2 CHOCH(CH 8 ) 2 = CO + 3CH 4 + iQH* + C 

In a bulb packed with silica balls a surface reaction is found which may ^ 

be represented by 

(2) (CH s ) 2 CHOCH(CH 8 ), = 2CH 8 CHCH 2 + H 2 0 

When the silica surface has become coated with carbon, however, this 
reaction apparently ceases. There is also a third mode of decomposition, 
which is observed when the initial ether contains traces of the isopropyl 
iodide from which it was prepared. In this case the reaction occurs at 
a much lower temperature than that necessary for the uncatalyzed reaction, 
and follows the relatively simple equation 

(3) (CH 8 ) 2 CHOCH(CH 3 ) 2 = CHsCOCHa + C 3 H 8 j 

This third type of decomposition is discussed in Section 8.71. 

It is thus possible, in principle, to work under conditions such that the 
reaction is homogeneous and non-catalytic. The reaction even under these 
conditions is far from ideal. The analysis of the gaseous products at two 
temperatures is shown in Table XLI together with the composition which 
corresponds to (1). On the basis of (1) the ratio of final to initial pressure 
would be 4.5:1. If it is supposed that each molecule of ether decomposing 
produces one molecule of CO or C0 2 , the ratio comes out 5: 1. The ob¬ 
served values range between 3.2:1 and 3.45:1. It must thus be supposed 
that only about two-thirds of the ether decomposes, while one-third con¬ 
denses. 1 

53 Glass and Hinshelwood, J. Chew. Soc 1929:1804. 
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Table XLI. Decomposition products of diisopropyl ether. 


Temp. 

0 C. 

CO 

C0 3 

_ Per Cent 

CH 4 

Unsaturated 

hydrocarbons 

550 

18.0 

1.3 

67.4 

13.3 

566 

20.1 

0.0 

65.0 

14.9 

Calc. 

22.2 

0.0 

66.7 

11.1 


The later stages of the reaction are very long drawn out, and it is quite 
impossible to calculate any rate constants. It is found that very con¬ 
siderable amounts of acetone are formed; since this substance decomposes 
rather slowly at the temperatures used here, and gives as a decomposition 
product ketene, which also decomposes slowly, it is easy to see why the 
end-point is so hard to reach. 

The times required for the pressure to increase by a definite fraction 
of its value exhibit an approximate independence of the initial pressure, 
as shown by Table XLII. 


Table XLII. Decomposition of diisopropyl ether. 


Temp. 

Initial 

pressure 

tso 

£100 

0 C. 

mm. 

sec. 

sec. 

566 

327 

57 

225 


284 

63 

230 


255 

63 

216 


146 

58 

206 

551 

230 

110 

426 


109 

110 

465 


78 

114 

420 


53 

115 

448 


29 

118 

467 


It is not clear from the results given here whether any falling off in 
rate has been obtained. Due to the subsequent reactions, only the initial 
rates are of much significance, and for this reason the values of t 5Q are to 
be given a much greater weight than those of t XQ0 . These values seem to 
show a small but definite increase for pressures below 100 mm., though 
this may be a chance variation. If it is taken at its face value and the 
plot of t 50 against 1/p treated in the usual way, the value found for 
(£ 50)00 * s 108.8 sec. at 551° C., and the pressure at which this value will 
have increased by 5 per cent comes out 50 mm. The uncertainty attached 
to this result is naturally very large. 

The activation energy also is not well known. The data from which 
it has been estimated are given in Table XLIII. 
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Table XLIII. Decomposition of diisopropyl ether . 


Temp. 

tm (obs.) 

h o (calc.) 

t-m (obs.) 

£loo (calc.) 

°C. 

sec. 

sec. 

sec. 

sec. 

566 

60 

61 

220 

219 

559 

87 

84 

315 

308 

551 

127 

122 

460 

454 

543 

168 

177 

665 

676 

532 

225 

301 

862 

1186 


The calculated values are given by the equations 
t 50 = 2.36 X lO- 16 ^ 3000 /^ 
h 0 o=1.04XlO" 16 ^ 66500/jRr 

Glass and Hinshelwood give 60,500 cal. as the energy of activation for the 
initial reaction, but this is apparently only a guess. 

By the use of this estimated energy of activation, on the basis of their 
opinion that the rate has not fallen off within the pressure range of these 
experiments, they then calculate that at least 26 squared terms are neces¬ 
sary. When the measurements of t 50 at 551° C. are taken to be reliable, 
and the calculation made from them, 26 squared terms are required if the 
energy of activation is taken as 60,500 cal., and 30 if it is taken as 63,000 
cal. This calculation is quite uncertain, but it is clear that rather more 
squared terms must be invoked here than for the other ethers. 

10.46. The Decomposition of Dipropyl Ether.—An incomplete 
series of experiments made by Askey 54 show that the behavior of this 
substance resembles the lower ethers rather than its isomer, diw-opropyl 
ether. At 492° C., the following values were found for t 50 : 160 mm., 
315 sec.; 144 mm., 358 sec.; 80 mm., 410 sec.; 71 mm., 456 sec.; 43 mm., 
593 sec. Hinshelwood considers that the accuracy of these experiments is 
less than that of the work on the other ethers; the difference between 
these results and those found with diwpropyl ether, however, is almost 
certainly a real one. 

10.47. General Discussion of the Series of Ether Decompo¬ 
sitions.—The series of ethers which has been discussed in the preceding 
sections is the longest series of homologous compounds whose decompo¬ 
sitions have been studied kinetically. It is thus particularly interesting to 
compare the various results. 

For the series dimethyl ether, methylethyl ether, methylpropyl ether, 
the reactions involved are quite similar, the final products of the main 
reaction being CO + CH 4 + RH, where R is H, CH a and Q>H 6 respec- 

64 Hinshelwood, private communication. See also Glass and Hinshelwood, /. 
Chem. Soc.j 1929 :1804. 
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lively. In the first case, however, formaldehyde is formed as an inter¬ 
mediate product, while the corresponding aldehydes do not seem to occur 
for the other cases. The energies of activation are found to be 58,(XX) 
cal., 47,000 cal. and 49,000 cal., respectively. The latter two are surely 
equal within the experimental error. The higher value for the first mem¬ 
ber of the series is perhaps not very surprising, since methyl compounds 
are frequently irregular in their physical properties. The numbers of 
squared terms which are necessary are about 15, 12 and 12, respectively. 55 
Since these numbers are dependent upon the exact value of the energies 
of activation, the differences between them probably lie within the experi¬ 
mental error. It might have been expected that considerably higher num¬ 
bers would have been found for the higher homologues; thus for the azo 
compounds it is a fairly satisfactory rule to use half the number of 
squared terms which are theoretically available; applying this rule here 
would lead to the numbers 21, 30 and 39. 

The other ethers do not contain a methyl group, and their modes of 
decomposition are more varied, so that comparisons are somewhat less 
justified. Nevertheless, the series methyl ether, ethyl ether, isopropyl 
ether might be expected to show some regularity; the energies of activa¬ 
tion are found to be 58,500 cal., 53,000 cal. and 60,500 cal., while the 
numbers of squared terms come out as 15, 8 and 26; the values for 
isopropyl ether are uncertain, but the great gap between this compound 
and the other ethers can scarcely be illusory. 

The remaining series which can be picked out of these results is 
dimethyl ether, methylethyl ether, diethyl ether. Here the energies of 
activation are 58,500 cal., 47,000 cal. and 53,000 cal., while the numbers 
of squared terms are 15, 12 and 8. The fact that the energy of activation 
is so much lower for methylethyl ether than for either symmetrical com¬ 
pound is of particular interest. 

The chief conclusions which can be drawn from these data are that 
the numbers of squared terms which are involved in the decompositions 
of ethers do not increase in any regular way with the complexity of the 
molecule, and are in all cases rather less than the available numbers; there 
is some evidence for the belief that unsymmetrical ethers are less stable 
than symmetrical ones, but this point is scarcely established. 

There is no real difficulty in accounting for the irregularity of the 
results here by invoking what might be called specificity of intra-molecular 
energy transfer, and such specificity would not have been entirely unex¬ 
pected, a priori . It is harder to understand the basis for the rather con- 

55 While these numbers are obtained from a theory which is surely incorrect, 
they are not far wrong, and comparisons may be made between them without involv¬ 
ing a serious error; they must not be compared, however, with results calculated by 
a more correct form of theory. 
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siderable differences between the behavior of the ethers and that of the 
azo compounds. It seems probable that further theoretical advances must 
wait upon the accumulation of more data. 


10.5. The Rearrangement of Pinene.—The loss of optical activity 
of {/-pinene on heating was measured by Smith 56 and found to follow a 
first order equation. Smith thought that he was measuring the rate of 
racemization, but subsequent work by Conant and Carlson 57 and by 
Thurber and Johnson 58 has shown that this is almost certainly not the 
case, the reaction according to Conant and Carlson being a rearrangement 
to limonene; this rearrangement has long been known 59 to take place at 
temperatures somewhat higher than those used by Smith. These com¬ 
pounds have the formulas shown: 


HC= 


CH a 

i 

=C -CH 


HX 


H 

pinene 


CH, 


CH S 

I 

HC=C-CH 2 


/ 

(CH s ) 2 C 




H 

i , 

h 2 c c c 

T 1 


L /CHa 

Ach* 

limonene 


Although pinene has two asymmetric carbon atoms, its ring structure 
clearly does not permit more than two forms which could be at all stable; 
the primary product of the rearrangement of optically active pinene would 
probably be an active limonene, but the actual product is at least very 
nearly inactive; this may possibly indicate that limonene racemizes to 
dipentene (= dZ-limonene) quite readily. If so, this would actually be 
a reaction of the type for which Smith was looking. 

In view of the chemical uncertainties involved, it is not possible to 
interpret Smith’s results positively; but if the rate he measured is that 
of the transformation from d-pinene to dipentene the true first order 
constants are just twice as great as those which he reported 80 and are 
therefore given by the equation 

k= 1.32 X 10 14 e' 43710 /- Rr sec.~ 1 

58 D. F. Smith, /. Am. Chem. Soc., 49:43 (1927). 

57 Conant and Carlson, /. Am. Chem. Soc., 51: 3464 (1929) 
and J ohns ° n . A Am. Chem. Soc., 52: 786 (1930). 

69 Wallach, Ann., 227 : 282 (1885). 

80 Kassel, I. Am. Chem. Soc., 52:1935 (1930). 
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This equation is in satisfactory agreement with the experimental results, 
which cover the range 184.5° to 237° C., at concentrations between 0.5 
and 3.5 X 1O~ 0 mole/cc. Some experiments were made also using the 
pure liquid, the concentration then being 628 X 10~ 6 mole/cc., and also 
with solutions in petrolatum, acetophenone, and a-methylnaphthalene; in 
all these cases the rates found are about 50 per cent greater than those 
in the gas. 

Thurber and Johnson used two different samples of i-pinene and found 
considerably different rates; the sample obtained from Port Orford cedar 
wood oil gave results in fairly close agreement with those obtained by 
Smith; that from turpentine oil gave somewhat greater rates, correspond¬ 
ing to the equation 

k = 3.08 X 10 12 e“ 39700/J?r seer 1 

The most conclusive evidence as to the reaction product is that of 
Conant and Carlson, who were able to show by catalytic hydrogenation that 
dipentene was formed in just the amounts required to account for the 
observed loss of optical activity. They did not make any reaction rate 
measurements, being content to show that so far as order of magnitude 
was concerned their pinene decomposed at the same rate as that of Smith 
did; therefore it cannot be considered certain that the same compound 
was studied in the two cases. Thurber and Johnson fractionated the reac¬ 
tion product of both samples of their pinene, and found that the fraction 
with unchanged boiling point had nearly unchanged activity, while a con¬ 
siderable quantity of material of higher boiling point and lower activity 
was found. In view of the known difficulty of fractionating pinene- 
dipentene mixtures, their experiments show as conclusively as might be 
expected from the method used that the reaction product in both cases is 
dipentene or some material of similar nature. The entire situation is 
unsatisfactory and must remain so until the problems of terpene chemistry 
are better understood. 

There are no experiments on the rate of reaction at low pressures; 
the theory of unimolecular reactions predicts that for such a complex 
molecule as pinene, with 26 atoms, the high pressure rate can be main¬ 
tained down to very low pressures, probably quite beyond the reach of 
experiment. 

10.6. The Decomposition of Nitryl Chloride.—With the exception 
of nitrous oxide, nitryl chloride, N0 2 C1, is the simplest known substance 
whose decomposition is unimolecular; its rate has been studied at pressures 
up to nearly 10 atmospheres by Schumacher and Sprenger.* 1 Throughout 

61 Schumacher and Sprenger, Z. Elektrochem., 35: 653 (1929) ; Z. physik. Chem. t 
12B: 115 (1931). 



226 KINETICS OF HOMOGENEOUS GAS REACTIONS 


the entire range the decomposition follows a first order course during each 
separate run, yet gives constants which are pressure dependent; thus k^ 
has not been reached, and it is not possible to decide with certainty how 
closely it has been approached. The decomposition takes place quantita¬ 
tively in accordance with the simple equation 

2N0 2 C1 = 2N0 2 + Cl 2 

so that it is conveniently followed by pressure measurements; the work 
was all done in an apparatus free from stop-cock grease, the brass mem¬ 
brane valves designed by Bodenstein and also metal-sylphon valves 
(Simon) being used instead of ordinary stop-cocks; pressures were deter¬ 
mined by using a quartz spiral manometer as a null instrument. The rate 
has been measured at temperatures from 100° to 150° C. and at pressures 
from 11 to 6000 mm. Table XLIV gives the results, taken directly from 
Schumacher and Sprenger’s second paper, except that the rate constants 
have been converted to seer 1 


Table XLIV. The rate of decomposition of nitryl chloride according 
to pressure measurements . 


Pressure 

k X 10 5 


Pressure 

k X 10 5 

mm. 

seer 1 

)— 1 
o 
o 

o 

O 

mm. 

seer 1 

103.4 

1.85 


3840.0 

19.0 

184.0 

2.88 


5940.0 

22.8 

29.18 

4.38 

130° C. 



11.4 

5.68 


102.5 

18.8 

40.8 

10.8 


154.0 

32,3 

48.1 

12.6 


154.5 

25.3 

48.5 

13.7 


208.0 

38.3 

50.1 

13.6 


290.8 

47.3 

67.0 

15.6 


412.2 

58.0 

85.2 

18.3 




140° C. 


11,11 

12.0 


97.0 

41.7 

20.04 

19.8 


142.0 

60.7 

24.72 

20.7 


185.0 

65.8 

48.1 

28.0 


234.0 

74.0 

74.7 

39.2 


242.0 

90.8 

88.9 

44.7 


252.0 

95.2 

96.2 

44.1 

150° C. 

506.0 

137.0 

11.20 

23.7 


105.8 

105.0 

11.41 

23.0 


152.4 

155.0 

50.5 

59.5 




Schumacher and Sprenger give a plot of log k against log p for these 
results; the curves obtained are all straight lines, the slopes being equal 
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within the error of their determination. It is thus impossible to tell from 
such a plot whether the value of has been at all closely approached; it 
is a more satisfactory procedure to plot l/k against 1/p for the purpose 
of extrapolating to k^, and for this purpose only. When the five points 
at 100° C. are treated in this way, they lie on a very slightly curved line; 
the most likely extrapolation gives %& = 35 X 10~ 5 seer 1 ; the value can 
scarcely be appreciably less than this; it is possible, however, that it may 
be very considerably greater, since the number of points is too small to 
establish the course of the curve with certainty. Schumacher and Sprenger 
have made high pressure experiments at 130° also, but do not give their 
results, which are less consistent than at the lower temperature. 

The energy of activation cannot be determined, since the value of 
is not even approximately known except at 100° C. If the temperature 
coefficient is independent of pressure at all pressures between the experi¬ 
mental range and those for which k ^ is reached, then the energy of activa¬ 
tion may be determined from the experimental results; the value found 
in this way is 20,500 cal. Such a value is to be regarded as being a lower 
limit to the true energy of activation, since in all known cases the spread 
between k/k^ curves for different temperatures takes place with the 
higher temperature giving the lower curve. If = 35 X 10 -6 and 
E = 20,500 cal., then the value of A is about 2 X 10 8 , much lower than 
for any other unimolecular reaction; it is quite likely, however, that the 
true value of E is 25,000 to 30,000 cal., in which case A is of a more usual 
magnitude. In the absence of an actual determination of E no useful 
calculations of the theoretical maintenance of the rate can be made. It 
is clear that there will be no difficulty in accounting for at least the general 
form of the results unless E turns out unexpectedly large. 

10.7. The Decomposition of Nitrous Oxide. —This reaction has 
been studied by Hunter, 62 Hinshelwood and Burk, 63 Briner, Meiner and 
Rothen, 84 Hibben, 65 Volmer and Kummerow, 66 and Nagasako and Vol- 
mer. 67 Until the work of these last authors had appeared, it was generally 
considered that the decomposition was an ordinary second order reaction. 
It now appears almost certain, however, that the true mechanism is uni¬ 
molecular. 

Hunter studied the reaction by a flow method, all the runs being made 
at about atmospheric pressure. He found by varying the time of heating 

62 Hunter, Z. physik. Chem,, 53:441 (1905). 

63 Hinshelwood and Burk, Proc . Roy . Soc., 106A:284 (1924). 

64 Briner, Meiner and Rothen, J. chim. phys., 23: 607 (1926). 

65 Hibben, /. Am. Chem . Soc., 50: 940 (1928). 

06 Volmer and Kummerow, Z. physik. Chem., 9B: 141 (1930). 

67 Nagasako and Volmer, ibid., 10B: 414 (1930). 



228 KINETICS OF HOMOGENEOUS GAS REACTIONS 


that the reaction was kinetically second order, and he obtained a value 
for the energy of activation which is at least approximately correct. 
Since the volume changes during the reaction, there are various corrections 
which must be applied to get the true rate, and not all of these were made; 
this was pointed out in a footnote by Nernst, in whose laboratory the 
work was done. 

Hinshelwood and Burk carried out a more thorough investigation. 
They used temperatures from 1125° K. down to 838°, though there were 
relatively few experiments made below 1030°. They also varied the 
initial pressures from 450 mm. to 50 mm. One unsatisfactory feature of 
their experiments is that the pressure increase was never 50 per cent, 
corresponding to the equation 

2N a O — 2Na 0-2 


but quite uniformly 46.5 per cent. This cannot be accounted for either by 
incomplete reaction or by adsorption, since it was not dependent upon 
either temperature or the amount of silica surface. It cannot be due to 
side reactions; Briner, Meiner and Rothen showed that considerable 
amounts of NO are formed, but this would not affect the pressure change, 
and N0 2 is almost completely decomposed under the experimental con¬ 
ditions used. The only remaining explanation is the presence of a small 
amount (7 per cent) of inert material in the original nitrous oxide; since 
this substance was obtained from two different sources, which gave the 
same results, this explanation was rejected by Hinshelwood and Burk; 
nevertheless, it appears necessary. The dependence of the initial rate on 
pressure suggests a second order reaction; the second order constants cal¬ 
culated for the individual runs show a very pronounced drift. When the 
only run for which detailed data are available is recalculated according to 
a first order equation, very satisfactory constants are obtained; this is 
shown by Table XLY. 

The good first order constants obtained suggest strongly that the reac¬ 
tion is truly unimolecular, and that the measurements yield a second order 
dependence upon the initial pressure merely because they are made in a 
region where the rate has fallen off very considerably. This view is sup¬ 
ported strongly by the work of Volmer and Kummerow, who were in fact 
its originators. They worked for the most part at 938° K,,* 38 a tempera¬ 
ture rather lower than was used in the bulk of Hinshelwood and Burk’s 
experiments; in each run they heated for a definite time, then froze out 
the unchanged nitrous oxide and measured the residual pressure; thus 
from each run, after assuming some order for the reaction, they could 
obtain only one constant. They found, just as Hinshelwood and Burk 

68 The temperature scale used in their work has been increased 25° C as the 
result of a recalibration made by Nagasako and Volmer. 
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Table XLV. Decomposition of nitrous oxide at 1085° K . 


Initial pressure 129 mm. 



Pressure 



Time 

increase 

O 

r-H 

X 

kx X 10* 

sec. 

mm. 

mm.' 1 sec.' 1 

sec." 1 

0 

0 

5.05 

58 

15 

5 

5.58 

60 

31 

10 

5.84 

55 

50 

15 

6.61 

52 

98 

25 

8.21 

53 

127 

30 

8.77 

48 

165 

35 

11.4 

51 

209 

40 

13.7 

47 

270 

45 

19.2 

47 

357 

50 




This table is calculated from one given by Hinshelwood and Burk; it is assumed 
that the 46.5 per cent pressure increase is due to the presence of inert matter. The 
constants are calculated from point to point; those in column three are based on a 
second order equation, those in column four on a first order one. It is clear that 
the reaction is kinetically first order during a single run. 

had, that the calculated second order constants increased as the initial 
pressure decreased; the calculated first order constants, however, increased 
with the pressure, much more than the second order ones decreased. 
They then made experiments in the presence of added nitrogen, oxygen 
and carbon dioxide. They found that with added gases, the calculated 
first order constants were about equal to those obtained with pure nitrous 
oxide at the same total pressure (in the case of added nitrogen or oxygen, 
slightly smaller constants were obtained) while the calculated second order 
constants became very large. In the light of our previous experience with 
unimolecular reactions, it seems safe to accept these facts as establishing 
the unimolecular character of the decomposition. 

This interpretation was only partially accepted by Hinshelwood, 69 who 
pointed out that the work of Hinshelwood and Burk was consistent with 
the simultaneous occurrence of first and second order reactions; he granted 
that at nitrous oxide pressures of 10 to 50 mm. the first order reaction 
might be predominant and that at these pressures, especially in the presence 
of foreign gases, the reaction would be essentially unimolecular. He 
considered, however, that at pressures above 100 mm. the main reaction 

69 Hinshelwood, Z. physik. Chem. } 10B-.157 (1930). 
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would be bimolecular. This view is not unobjectionable even on the evi¬ 
dence so far given; the unimolecular part must belong to a reaction which 
is not first order in its pressure dependence, otherwise the increase in rate 
by adding foreign gases is unexplained; the whole reaction, then, would 
not be given by terms of the first and second order, but by a term of the 
second order and one of order between first and second; this would no 
longer give agreement with Hinshelwood and Burk’s results. But these 
criticisms are unnecessary in view of the one decisive objection; according 
to this view the reaction would become unambiguously second order at 
high enough pressures. 

Nagasako and Volmer have gone up to pressures of ten atmospheres 
and obtained first order constants almost independent of pressure; the 
work done in Volmer’s laboratory has thus been extended over a pressure 
range of a hundred fold, and the first order constants obtained vary from 
almost kcQ to about 0.045 k^l this is the widest range of variation which 
has yet been obtained. The results at one temperature are shown in 
Table XLVL 

Table XLVI. Decomposition of nitrous oxide at 938 c K> 


Pressure k t 

»b 8 . X 10 5 

ka&ic. X 10® 


mm. 

sec.- 1 

sec.- 1 


8000 

160 

158 1 


7000 

147 

155 


6000 

5000 

157 

145 

150 

143 

Nagasako 

4000 

127 

135 

Volmer 

3000 

123 

123 

2000 

103 

103 


1000 

72 

72 


970 

65 

70 1 


810 

57 

62 


648 

52 

57 

Volmer 

485 

43 

43 

*and 

324 

32 

31 

Kummerow 

162 

22 

17 


81 

12 

9 


The values of £ ca i c 

are given by the equation 



l/k = 522 + 8.76 X 10 5 /P 


with p measured in mm.; the corresponding value of k ^ is 192 X 10“ 5 
seer 1 ; an equation of similar type is given by Nagasako and Volmer, but 
with constants rather less suitably chosen. It is possible that at the two 
lowest pressures the rate rises somewhat above that given by the empirical 
equation, though this is not certain; this equation is the type given by the 
simple Hinshelwood theory, and also formally by the Rice-Ramsperger- 
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Kassel theories for the case of one degree of freedom. In all other cases, 
the experimental results depart from such an equation in the sense of 
greater rates at the lower pressures. 

The best value for the energy of activation is given by the work of 
Nagasako and Volmer; whenever k ^ has not been reached, the value is 
necessarily somewhat uncertain, but it is probable in this case that the 
true value does not depart much from the 53,000 cal. which they find. 
Using this value, Ramsperger and Waddington 70 have shown that the 
results may be fitted by any of the classical theories with a model contain¬ 
ing one degree of freedom and having a kinetic theory diameter. There 
is no doubt that equally good agreement can be obtained by using two or 
three degrees of freedom with frequencies such as are known to exist in 
the actual molecule of nitrous oxide. 

The high pressure rate is given by the equation 

^=4.2X lovssooo/tfr 

The value of A here is about 100-fold smaller than for any other known 
reaction except possibly the decomposition of nitryl chloride. 

The most probable value for the energy of the reaction 

n 2 o = n 2 + o 

is 41,500 cal. This is less than the energy of activation by 11,500 cal.; 
there can be no doubt that this is the correct primary process, since the 
production of a nitrogen atom would require 112,000 cal. Since the struc¬ 
ture of nitrous oxide is not known with certainty, it is useless to speculate 
about the cause for this difference. 

Finally it may be mentioned that Hibben has found that in quartz 
vessels at 600° K. and a few hundredths of a mm. pressure the reaction 
is apparently heterogeneous. 

10.8. Other Unimolecular Reactions.—We have left only a few 
reactions which, either because they have been insufficiently studied, or 
because of complicating factors, are of relatively slight interest for our 
purposes. 

10.81. The Decomposition of Propionic Aldehyde.—This reaction 
was studied by Hinshelwood and Thompson; 70a it was the first example 
to be discovered of a unimolecular reaction whose rate constant fell off 
at low pressures. The simplest equation for the reaction would be 

C 2 H 5 CHO = CO +c 2 h 6 

70 Ramsperger and Waddington, Proc. Natl Acad. Sci, 17:103 (1931). 

70a Hinshelwood and Thompson, Proc. Roy . Soc ., 113A:221 (1926). 
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but the actual reaction deviates considerably from this behavior. Carbon 
monoxide seems to split out almost quantitatively, although small amounts 
of carbon dioxide are formed also; considerable amounts of methane are 
formed, particularly at the higher temperatures, and there is some ethylene. 
The pressure increases almost exactly 100 per cent, with some irregular 
fluctuations, for initial pressures greater than 200 mm. or less than 40 mm.; 
for intermediate pressures increases of as much as 115 per cent are 
obtained. 

The expression which Hinshelwood and Thompson give for the high 
pressure rate is 

In ft = 27.93 - 54000/i^T (ft in seer 1 ) 

The rate falls off at sufficiently low pressures; it has been shown by 
Hinshelwood and Askey 71 that this falling off is prevented by the addi¬ 
tion of hydrogen. Hinshelwood 72 calculated that 12-14 squared terms 
would be necessary to account for the results on the basis of his theory. 
Rice and Ramsperger 73 made the calculations in a more precise way; they 
found that Hinshelwood’s form of theory required 12 squared terms, 
while their classical theory needed only 11. The range of pressures in¬ 
volved is not great enough to make any definite decision between the two 
theories, since the plot of 1/k against 1 /^? is a straight line over the experi¬ 
mental range . 74 

10.82. The Decomposition of Acetone.—This reaction was studied 
by Hinshelwood and Hutchison , 76 who showed that the initial step was 
probably first order; the later stages of the reaction are very long drawn 
out, however, so that it is unsuitable for detailed study. Rice and Voll- 
rath 76 worked by a flow method and were able to show that the initial 
reaction is 


CH 3 COCH 3 = CH 4 + CH,: CO 
and that this is followed by 

2CH 2 : CO = C 2 H 4 + 2CO 

This latter reaction is slow enough to account for the failure of Hinshel¬ 
wood and Hutchison to obtain good end-points. These authors treated 

71 * Hinshelwood and Askey, Proc. Roy . Soc., 116A:163 (1927). 

72 Hinshelwood, Proc, Roy. Soc., 113A: 230 (1926). 

73 Rice and Ramsperger, L Am. Chem. Soc., 49: 1617 (1927). 

74 Kassel, /. Phys, Chem., 32: 225 (1928). 

75 Hinshelwood and Hutchison, Proc. Roy. Soc., 111A:245 (1926). 

76 F. O. Rice and Vollrath, Proc. Natl Acad. Sci., 15:702 (1929). 
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their data by an ingenious but unreliable method, and arrived at the 
expression 

In k = 34.95 — 68500 /RT (Jfe in sec.' 1 ) 

for the rate of the initial reaction. No confidence can be placed in this 
result, however. The rate was not studied at low pressure. 

10.83. The Decompositions of Saturated Aliphatic Hydrocar¬ 
bons.—There has been a considerable amount of work done dealing in a 
general way with the rates of these reactions, which are of great impor¬ 
tance in the manufacture of gasoline. It is rather well established that 
the primary homogeneous reaction is a unimolecular splitting, the products 
being a mono-olefin and either hydrogen or a saturated hydrocarbon of 
lower molecular weight than the original material. There is very little 
information, however, as to the actual velocity constants. The most im¬ 
portant work for our purposes is that of Pease and Durgan 77 dealing with 
propane and the butanes. Approximate rate constants are obtained which 
show that the reaction is of the first order; there are various complica¬ 
tions, the most serious being apparently the reversibility of the dehydro¬ 
genation reaction. It is possible, however, to find that the activation 
energy is about 65,000 cal., an estimate which is confirmed by other work 
also, and to show that at initial pressures of 1 or 2 mm. the rate falls off 
somewhat. 

According to the most recent estimates, the strength of the C-C bond 
is about 90,000 cal,; if this is correct, the primary process in these reac¬ 
tions cannot be the rupture of this bond to give two alkyl radicals, as has 
sometimes been supposed. F. O. Rice 78 has reported that hydrocarbon 
vapors passed through a quartz tube at 1000° C. gave a positive Paneth 
test for free radicals, 79 and he has taken this to be confirmation of his 
view 80 that the hydrocarbon decompositions, in common with most organic 
reactions, are chain processes, initiated by rupture of the C-C bond to 
give alkyl groups. A possible alternative explanation 81 is that the im¬ 
mediate primary process gives not an olefin but an alkylidene radical, 
which rearranges to an olefin in a very short time, but which might give 
a positive Paneth test under suitable conditions. Such a reaction, for 
example, would be 

c 3 h 8 = ch 4 + ch 3 ch 

77 Pease and Durgan, 7. Am. Chem. Soc 52: 1262 (1930). 

78 F. O, Rice, Buffalo meeting, American Chemical Society, September, 1931. 

79 Removal of a thin metal mirror, by formation of compounds such as lead 
tetra-ethyl. 

80 F. O. Rice, 7. Am. Chem. Soc., 53:1959 (1931). 

81 Kassel, Buffalo meeting, American Chemical Society, September, 1931; to be 
published in Chem. Rev., 1932. 
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Burk 82 has attempted to derive a general formula for the rate of 
decomposition of the paraffins, so that the rate of decomposition for the 
entire series can be calculated when the rate for a single member is known. 
The data are insufficient to judge the success of his formula. 

10.84. The Decompositions of Alkyl Amines.—Kinetic studies of 
the decomposition of ethylamine have been made by H. A. Taylor 83 and 
of the decomposition of propylamine by H. A. Taylor and Achilles; 84 
the reaction products have been determined by Hurd and Carnahan 85 
and Upson and Sands, 86 but the conditions are not entirely comparable to 
those prevailing in the rate experiments. The reactions are complex, 
and though it is reasonably certain that the initial process is unimolecular, 
both the rates and the temperature coefficients are subject to considerable 
uncertainty. For temperatures between 500° and 540° C. the rate for 
ethylamine may be represented by 

k = 2.8 X 10 9 ^" 4330 °/- Rr sec." 1 

and for 520° to 580° C. that for propylamine by 

k = 2.8 X 10 9 ^ 4400 °/ i?7 'secr 1 

These are equal within the experimental error; for ethylamine, there is no 
detectable decrease in rate down to 30 mm., but for propylamine a de¬ 
crease sets in at about 200 mm. and at 40 mm. the rate is between 0.5 and 
0.7 of the high pressure value; a decrease at so high a pressure, for a 
reaction with such a low value of A, leads to a model with only one or two 
effective degrees of freedom, or to a very small diameter. It may be noted 
that in this case hydrogen does not seem to be effective in maintaining the 
rate, but since it may possibly be chemically reactive in this system the 
measurements have little value. 

10.85. The Cis-Trans Isomerization of Dimethyl Maleate.—This 
very interesting reaction has been studied by Kistiakowsky and Nelles; 87 
it is first order at about ten atmospheres, but the rate falls off rapidly at 
lower pressures and finally becomes second order. The value of A is very 
small, and since the rate falls off so soon and so rapidly, it seems to be 

82 Burk, I. Phys. Chem 35: 2446 (1931). 

83 H. A. Taylor, J. Phys. Chem ., 34: 761 (1930). 

84 H. A. Taylor and Achilles, ibid., 35:2648 (1931). 

86 Hurd and Carnahan, J. Am. Chem. Soc., 52:4151 (1930). 

86 Upson and Sands, ibid., 44: 2306 (1922). 

87 Kistiakowsky and Nelles, Z. physik. Chem., Bodenstein-Band, 369 (1931); 
Buffalo meeting, American Chemical Society, September, 1931. 
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necessary to assume that only one degree of freedom is effective, and also 
that the diameter for collisional activation is very much less than the 
kinetic theory value. Since the results have not yet been presented in 
final form, it seems unwise to attempt a detailed treatment at this time, 
but the study of this and similar reactions promises to be of very great 
theoretical interest. 

10.9. First Order Heterogeneous Reactions.—Several reactions 
which have in the past been supposed to be true first order gas reactions 
are no longer accepted as such. The most important of these is the de¬ 
composition of phosphine 

4PH 3 = P 4 + 6H 2 


This reaction was investigated by Trautz and Bhandarkar 88 in a large 
porcelain bulb; these authors found the reaction to be heterogeneous at 
low temperatures, but supposed, on the basis of an increase in the tem¬ 
perature coefficient, that it became essentially homogeneous at tempera¬ 
tures above 945° K. Hinshelwood and Topley 89 showed that in a silica 
vessel the reaction remained heterogeneous up to 1044° K. at least, and 
since their rates were less than those of Trautz and Bhandarkar, it is to 
be supposed that the reaction observed by those workers also was hetero¬ 
geneous. This reaction is still found in occasional texts as an example of 
a first order gas reaction. 

Trautz and Winkler 90 reported that the transformation of cyclo¬ 
propane into propylene became predominantly homogeneous with increase 
in temperature; here again, however, they did not show by the only pos¬ 
sible test, that of varying the surface-volume ratio, that they were actually 
dealing with a real homogeneous reaction, and their results have not been 
very widely accepted. 

The decomposition of sulfuryl chloride was reported to be hetero¬ 
geneous at 280° C, by Hinshelwood and Prichard. 91 Smith 92 worked 
with this reaction at temperatures up to 330° C. and concluded that at 
these higher temperatures the dominant reaction was a first order homo¬ 
geneous decomposition. More recently, Ramsperger 93 has succeeded in 
obtaining decomposition rates much less than those found by Smith; his 
results indicate a form of auto-catalysis, and make it seem very likely 

88 Trautz and Bhandarkar, Z. anorg. Chem 106:95 (1919). 

89 Hinshelwood and Topley, /. Chem. Soc., 125:393 (1924). 

"Trautz and Winkler, /. prakt. Chem., 104: 53 (1922). 

91 Hinshelwood and Prichard, I. Chem. Soc., 124: 2725 (1923). 

92 D. F. Smith, I. Am. Chem. Soc., 47:1862 (1925). 

93 Ramsperger, unpublished work; these experiments were carried out by Dr. 
Ramsperger at the California Institute in the spring of 1930. 
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that whatever else the reaction may be, it is not a homogeneous first order 
decomposition; in Smith’s work, a commercial preparation of sulfuryl 
chloride was used; the usual method of manufacture of this material in¬ 
volves the use of a catalyst, such as camphor, which would be very 
imperfectly removed by fractionation, so that it is easy to account for 
Smith’s results. 



Chapter XI 

Complex Reactions. Part I 

11*1* The Formation of Hydrogen Bromide. —The reaction be- 
tween hydrogen and bromine to form hydrogen bromide has been very 
extensively studied, and its mechanism is probably better understood than 
that of any other complex reaction. The thermal reaction was studied 
by Bodenstein and Lind 1 for the temperature range 230-300° C., at 
pressures of about an atmosphere. Their experimental results were rep¬ 
resented by the empirical equation 

d[HBr] [H 2 ] [Br,]* 

dt i , [HBr] (1) 

1 ' 10[Br 2 ] 

Table XLVII gives the values of k at different temperatures. 

Table XLVII. Rate of formation of hydrogen bromide. 


Temp. 

k 

° C. 

(cc. mole -1 ) 8 / 2 

301.3 

307 

277.5 

57.1 

251.4 

9.34 

224.7 

1.16 


Bodenstein and Lind suggested that the entrance of the bromine concen¬ 
tration into the kinetic equation as a square root might indicate that 
bromine atoms were responsible for the reaction; they were unable to 
account for the inhibiting effect of hydrogen bromide, as shown by the 
denominator of (1). They did show that it was a specific effect, since 
water, air and carbon tetrachloride were without influence on the rate, 
while iodine retarded the reaction more than hydrogen bromide did. 

These observations remained unexplained for thirteen years, after 
which time Christiansen, 2 Herzfeld 3 and Polanyi 4 independently and 

1 Bodenstein and Lind, Z. physik . Chem 57; 168 (1906). 

2 Christiansen, Kongel . Danske Videnskab. Selskab., Math.-fysi . Medd 1:14 
(1919). 

8 Herzfeld, Z . Elektrochem 25: 301 (1919) ; Ann. Physik, 59: 635 (1919). 

4 Polanyi, Z . Elektrochem 26:50 (1920). 

237 
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almost simultaneously published a mechanism which accounted for the 
experimental facts. The following reactions were supposed to occur: 


(1) 

Br 2 = 2Br 

(2) 

Br + H, = HBr-f H 

(3) 

H+Br, = HBr + Br 

(4) 

H + HBr = H 2 + Br 

(5) 

Br -f- Br = Br 2 


The rate predicted by this mechanism is easily found; in the steady state 
the concentrations of H and of Br must be unchanging; that is 

= 2h[Br 2 ] - MBr] [H 2 ] + fc,[H] [Br a ] + 

& 4 [H] [HBr] — 2A 6 [Br] 2 = 0 (2) 

®! = MBr][H 2 j -*.[H][Br,] -ft*[H][HBr] =0 (3) 

Hence the steady state concentrations are 

[Br]=V£7£[Br 2 ]* (4) 

_ ^v^7F.[H,][Br,]H 

L ft s [Br 2 ] +**[HBr] W 

In terms of these concentrations the rate of formation of hydrogen 
bromide is 

®^i = M Br][H 2 ] + & S [H] [Br 2 ] — £ 4 [H] [HBr] (6) 

and the final expression for the reaction rate is therefore 

[HBr] _ 2hVkJk e [B. 2 ] [Br,]* 
dt i ih* [HBr] (7) 

[Br,] 

This is evidently the correct form. 5 The concentration of bromine atoms 
is seen to be unaffected by the occurrence of the reaction; Vkjk 5 is sim- 

5 This derivation has been criticized by Skrabal, Ann. Physik, 82:138 (1927): 
Skrabal objects to the use of steady state concentrations. Skrabal’s objection has 
been answered by Bodenstein, Ann. Physik, 82: 138 (1927). As we have pointed out 
in Chapter VI, it is necessary to fulfill two conditions when this method is to be 
used: the intermediate substances in question must be present only in very small 
concentrations compared to the other substances, and the reactions in which they 
participate must be so rapid that equilibrium concentrations actually are present dur¬ 
ing the entire course of the reaction. These conditions are satisfied here, as in fact 
they are m almost every case, and there can be no valid objection to the treatment 
given. 



COMPLEX REACTIONS 


239 


ply the equilibrium constant for the dissociation of bromine, which is 
known from the measurements of Bodenstein and Cramer. 5 It is thus 
possible to calculate the rate of the step (2); we shall return to this calcu¬ 
lation later. 

The other rate constants in the scheme cannot be so directly determined. 
Bodenstein tried to evaluate k ± by studying the reaction in the presence of 
iodine; it was hoped that the hydrogen atoms removed by the step 

H + l2 = HI + I 

would be lost to the reaction, since the step 

I + H 2 = HI + H 

would be considerably endothermic and therefore have a low rate; it was 
found by Muller, 7 however, that the effect of the iodine is to reduce the 
concentration of bromine by forming IBr, while it is at the same time 
helpful in maintaining the equilibrium between Br and Br 2 , since the iodine 
atoms formed can react in accordance with the equations 

I + Br 2 = IBr + Br 
1 + IBr=I 2 + Br 

By a study of the photochemical reaction it has been found possible to 
evaluate the other constants in the preceding scheme. According to Kuhn 8 
bromine has a band spectrum which converges to 5107 A. U., beyond 
which the absorption is continuous; in the continuum, the primary process 
is dissociation into a normal and an excited atom, while of course absorp¬ 
tion in the band region gives an excited molecule. It is thus conceivable 
that there would be a difference in the photochemical reaction for light 
on the two sides of this limit, but it has been shown by Jost 9 that this 
difference is not very large at any rate. This probably means that the 
excited bromine atoms are no more useful for the reaction than are normal 
atoms, and that the excited molecules formed in the band region of the 
spectrum dissociate into normal atoms upon collision with other mole¬ 
cules, with a good yield. It might be expected therefore that the effect 
of light would be to produce two atoms of bromine for each quantum 
absorbed, thus maintaining an abnormally high concentration of bromine 
atoms, and giving a consequent increase in the rate of reaction. 

The experiments of Bodenstein and Lutkemeyer 10 are in accord with 

6 Bodenstein and Cramer, Z, Elektrochem., 22: 327 (1916). 

7 Muller, Z. physik. Chem., 123:1 (1926). 

8 Kuhn, Z. Physik, 39: 77 (1926). 

9 Jost, Z. physik. Chem., 134:92 (1928). 

10 Bodenstein and Lutkemeyer, Z. physik. Chem., 114:208 (1924). 
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this interpretation. There must be added to the preceding mechanism 
the step 

(la) Br 2 + hv = 2Br 

We will let I be the number of einsteins 11 absorbed per cc. per second. 
We have then to replace the term &i[Br 2 ] in (2) by the sum / -f- ^ 1 [Br 2 ] ; 
but when the light is intense enough so that the normal thermal reaction 
may be neglected we simply replace &i[Br 2 ] by /; the predicted photo¬ 
chemical rate is then 


d{ HBr] _ (2 fe/vX) [H 2 ] v7 [H 2 ] Vi 

dt ~ , . k t [HBr] * , ki [HBr] 

1+ 5TbST 1 + STb5T 


and this equation is verified by the experiments. The ratio of the thermal 
to the photochemical rate for a given composition and temperature is then 


( d[ HBr] \ // d[HBr] \ = 

\ dt /thermal / \ dt /photo ( I ) 


and it is thus possible to calculate k x ; this involves using a value for the 
thermal rate extrapolated to lower temperatures than it has been measured 
at, but the error should not be a large one. Further, since the equilibrium 
constant for the dissociation is known, the recombination rate k 5 can be 
computed. Bodenstein and Lutkemeyer found that within their experi¬ 
mental error recombination took place at a constant fraction of all col¬ 
lisions between bromine atoms, about 1 in 1000, independent of pressure 
and temperature. The independence of temperature is not surprising, but 
that the recombination, which would presumably take place by a tri- 
molecular process, should be independent of pressure was unexpected. 

In fact, further work carried out by Jost and Jung 12 in Bodenstein's 
laboratory has shown that the photochemical rate is dependent upon the 
pressure; these more accurate experiments cover the range 4 to 400 mm., 
and include also an investigation of the effect of inert gases. That the 
pressure dependence is complex in character is shown by the fact that in 
large vessels with strong light the rate increases as the pressure is lowered, 
while in small vessels with feeble light the change is in the opposite direc¬ 
tion. Nevertheless this behavior is in good agreement with that which 
should be expected. There are two main ways in which bromine atoms 
may be destroyed; the first is by recombination at a three-body collision, 
the second by recombination at the walls of the vessel; we may take the 


11 1 einstein = 6.06 X 10 23 quanta. 

JM ns {^ 7 Si T tsb : Aka ^ Wiss., 1926:104; Jung, Greifswalder Habilita- 

95 Yl9290*' 1927 ’ J ° St and Jnngt Z ‘ phySlk ‘ Chem,f 3B:83 (1929); Jun S’ ibid '> 3B: 
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rate of loss of bromine atoms caused by the first process to be 2kep c [Br] 2 
where k 6 is a constant and p c is a linear function of the partial pressures 
of the various gases, which need not all be equally effective; likewise the 
rate due to the second process will be 2k 7 [Br]/pa, where pa is a different 
linear function of the partial pressures; k 7 is dependent upon the size and 
shape of the reaction vessel, and probably also upon the nature of its walls. 
If the light is very intense and the pressure high enough, the first of these 
two terms will be dominant, and the concentration of bromine atoms in 
the steady state will be inversely proportional to it, that is, will increase 
as the pressure decreases; but feeble light, low pressure and small reaction 
vessels all favor the dominance of the second term, which makes the con¬ 
centration of bromine atoms increase with the pressure. 

The modified steady state condition for the bromine atoms will be 

d[Br]/dt = 21 - 2k Q p c [Br] 2 - 2k 7 [Br]/p d = 0 (10) 


and the resulting expression for the rate of reaction is 


2k \ J 1 

k 2 k 7 

d[ HBr] _ 2 [ 

4-k 0 2 p c 2 pi 2 2k e pcpi 


dt - . k± [HBr] 

1 + ^1b^T 

When diffusion is negligible this reduces to the simpler form 

d[HBr] _ 2ki \Wc [H2] __ . VT/lGcl [H a ] 
dt ~ i h [HBr] k 4 [HBr] 

+ h [Br 2 ] + £ s [Br 2 ] 


( 11 ) 


( 12 ) 


where [G c ] is the concentration corresponding to p 0 . The increase in rate 
at low pressures which this equation predicts has been observed by Jost 
and Jung. The experiments were made with a large light intensity and a 
large reaction vessel, A comparison of (8) and (12) shows that the 
values of k v ' calculated from (8) should obey the equation 

k v ' = k v /[G 0 ]X (13) 


where k v is a true constant. This may be put in the form 

log ^' = log ^ — 4 log [Go] (14) 

In Figure 20 is shown a plot of log kj against log p ; the line is the best 
straight line through the experimental points, and has a slope —0.59, which 
does not differ much from the theoretical value of —0.50. In these cal¬ 
culations pc has been taken equal to the total pressure p . Furthermore, 
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Jost has recalculated the experimental data of Bodenstein and Lutkemeyer 
and shown that it agrees as well with (12) as with the older form. It is 
therefore definitely established that when diffusion is negligible (12) rep¬ 
resents the experiments satisfactorily. 

In considering the effect of diffusion it is most convenient to deal with 



Formation of hydrogen bromide; the experimental conditions here are such that 
the bromine atoms are lost chiefly by three-body collisions; the figure shows that the 
pressure dependence of the rate constant is approximately that to be expected; the 
slope of the line is actually — 0.59, instead of the theoretical value — 0.50; a second 
set of data, not shown, leads to the value —0.56. 


the ratio of the rate observed to that which would be found in an infinitely 
large vessel, the other conditions being unchanged. The theoretical value 
of this ratio is 


R = 1 |v4^+I_l| 

(15) 

where 


r = 1^Vp^l 

(16) 

For very low pressures this takes the limiting form 


R = r 

(17) 

and for high pressures it becomes 


R = 1 — 1/2 r 

(18) 
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so that it approaches the limiting value 1. We have now to compare (15) 
with Jost's experiments. We shall continue to assume that 


pc — Pli 2 + p. Br 3 + P HBr 

(19) 

and for pa we will use the expression 


p d = p Kn _ -f- 5 p BT2 + 3pB.Br 

(20) 


Jost has used these values without giving their source; for p c the best 
justification is that the same assumption led to satisfactory results for the 
experiments of Jost and Jung. The coefficient of ^ H bt in pa is frankly 
chosen as the mean of the other two, so that pa will be constant during the 
reaction; this will not make too large an error, since in most experiments 
the rate constant is calculated from the initial stage of the reaction; the 
relative coefficients of the other two terms are in approximate agreement 
with kinetic theory predictions, but these are very uncertain. We thus 
expect that some of the scattering in the experimental results is due to 
the use of faulty expressions for p c and p d ; it would probably be possible 
to determine better values of these quantities on the basis of series of 
experiments in which the pressure of hydrogen or of bromine was kept 
constant, while the other pressure varied, but Jost has not made such 
experiments. 

Now (15) may be written 

< 2i) 

where 

k v = Rk 0 « = p = VJ^I (22) 

k 0 is of course the limiting rate in an infinitely large vessel. Figure 21a is 
a plot of Jost’s experimental values of k v against p; we expect that for 
small values of p these points will lie on a straight line passing through 
the origin, and this expectation is realized as is shown by Figure 21b. 
Figure 21c is a plot of k^ against 1/p for the smaller values of 1/p; this 
plot also should be a straight line for sufficiently small values of 1/p, as we 


see it is. The best straight lines have the equations 

\ = 19.9, (23) 

k = 1.88 - 0.0819/p (24) 

<P 

The second of these equations corresponds to the values 

ft, = 1.88 k a /2a = 0.0819 (25) 

from which we find 

a = 11.5 Ka = 21.6 (26) 
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The first equation gives directly 

k 0 a = 19.9 (27) 

which is in very satisfactory agreement with the less accurate value calcu¬ 
lated from the high pressure measurements; we shall adopt as the best 
values 

k 0 = 1.88 k ti a = 20.0 a =10.6 (28) 

we then have 

^=^|vt+oow-i} (29) 13 

The curves in Figures 21a, 21b and 21c are plots of (29); this equation is 
thus seen to be in satisfactory agreement with the experiments over the 
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Figure 21a 


Formation of hydrogen bromide; the conditions are such that bromine atoms are 
lost both by three body collisions and by diffusion to the walls. Light circles indicate 
experiments in the continuum, dark circles in the band region. Figure 21a gives a 
general view of the data. 


entire range. In these calculations the value of a corresponds to a p with 
p G and pa expressed in mm.; when we express all the concentrations in 
moles/cc., we obtain as final values 


• i.oo ace. 


: Vk Q /k 7 2 = 1.84 X 10 12 cc.% sec.^ mole~% 


Jost obtains the somewhat lower limiting value 1.5 for k 0 , by extrapolation of 
a plot of Vagainst p; this extrapolation runs to infinity, and is not at all suitable; 
rigure 21c shows clearly that the value 1.5 is too small. 
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Figure 21b shows the region of small p values on a much larger scale, while 
Figure 21c shows the region of large p values plotted against 1/p; these two sets of 
points can be fitted by straight lines, as the theory requires, and from the slopes and 
intercepts of these lines the empirical constants are obtained, as described in the text, 
with which the theoretical curve in Figure 21a is drawn. 
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There are a number of further experiments in which helium or oxygen 
was added; in the calculation of these experiments it has been supposed 
that oxygen makes the same contribution to p G that the other gases do, 
while helium makes no contribution; the contributions to p& were then 
calculated to bring these observations into agreement with the others; the 
coefficients found in this way are 2.5 for p 0s and 0.25 for pue ] the value 
for oxygen is reasonable, but that for helium is surprisingly small; this 
suggests that helium makes some contribution to p c , though a smaller one 
than the other gases. This is in accord with our general expectations, 
since of all the gases used helium alone is monatomic and would have to 
take up the excess energy of reaction of the bromine atoms in the form of 
translational energy. The experiments are not extensive enough, however, 
to draw any definite conclusions as to the inert gas effect. 

The photochemical reaction has been studied also by Briers and Chap¬ 
man, 14 who illuminated the gases intermittently by means of a rotating 
sector; they found that, other conditions remaining unchanged, the amount 
of reaction was independent of the velocity of the sector for velocities 
either low enough or high enough, but that there was a transition region 
within which the amount of reaction increased with the sector velocity. 
They showed that the most reasonable explanation of this result is that 
the catalyst (bromine atoms) was destroyed by two different processes, 
one of higher order than the other. Their data have been considered by 
Bodenstein, Jost and Jung, 15 who have shown them to be in satisfactory 
agreement with the detailed mechanism which has been given. 

The mechanism which has been assigned to the formation of hydrogen 
bromide has been verified as completely as possible from purely kinetic 
considerations. We may now go beyond this, and show that the rates of 
the separate steps are reasonable. The most probable values for the heat 
effects of the various steps are 

Br, = 2Br-45,200 cal. 

Br + H 2 = HBr + H - 14,500 cal. 

H + Br 2 = HBr + Br + 41,300 cal. 

According to the simple Herzfeld theory of this type of bimolecular reac¬ 
tion, then, the energy of activation for (2) should be just 14,500 cal.; 
this is somewhat less than the experimental value of 17,640 cal. It is 
probable that this difference slightly exceeds the experimental error, and 
that for this elementary reaction the activation required is greater than 
the heat effect. Jost gives as the best experimental value of k 2 

log k 2 = - 17640/4.575 T + 12.308 + 0.5 log T 

14 Briers and Chapman, J. CJiem . Soc 1928: 1802. 

15 Bodenstein, Jost and Jung, /. Chem. Soc., 1929 :1153, 
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If the mean diameter for Br and H 2 were 3 X 10 -8 cm. the simple Herzfeld 
prediction would be 

log k 2 = - 14500/4.S75r + 13.39 + 0.5 log T 

If we could be sure that the value 17,640 cal. was precise, the difference 
between the constant terms in these two expressions would indicate a 
steric factor of about 0.1, or an effective diameter of about 0.86 X 10~ 8 
cm.; an error in the energy of activation of 1,000 cal. would change the 
calculated steric factor about three-fold, so that this result is only 
approximate. 

The reactions (3) and (4), which compete for the hydrogen atoms 
liberated by (2), are both exothermic; they each yield two molecules, and 
are thus of the type which Herzfeld has predicted will occur at a large, 
temperature-independent fraction of all collisions. The rates k 3 and k± 
can not be separately determined from our reaction scheme, which gives 
only their ratio; the most accurate measurements of this ratio are those 
of Bodenstein and Jung, 16 who found for k z /k 4 the value 8.6 at room 
temperature and 8.2 at 300° C. This variation is too small to be signifi¬ 
cant ; it is unlikely that if these two constants were much dependent upon 
temperature their ratio could remain constant, and it is thus very probable 
that the reactions take place at a nearly constant fraction of all collisions; 
the greater importance of the steric factor in k 4 perhaps means that the 
hydrogen bromide molecule must be hit on the hydrogen side, while the 
bromine molecule can be hit anywhere; such speculation, of course, must 
not be taken too seriously. 

It should not be forgotten that the rate constants k 2 and k± must com¬ 
bine to give the proper equilibrium constant for 

Br + H 2 ^±HBr + H 

Since the heat of this reaction will be practically independent of the tem¬ 
perature, up to 300° C. at least, the energy of activation for (2) must 
exceed that for (4) by just this constant value, which we have estimated 
as 14,500 cal.; on this basis, taking 17,640 cal. as the energy of activation 
for (2), that for (4) would be 3,140 cal., and the rate of (4) would in¬ 
crease about 12-fold between room temperature and 300° C. This value 
of 3,140 cal., being a difference between two larger quantities both of 
which are subject to error, may well be wrong by as muth as 2,000 cal. 
We can only conclude that, if any activation is required for (2) and (4), 
the amount needed is small; at 300° C. the exponential factor e~ &1 *°/ RT has 
the value 0.063. 

We may consider finally the formation and dissociation of the bromine 

10 Bodenstein and Jung, Z. physik. Chem 121: 127 (1926). 
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molecule. The experiments of Bodenstein and Lutkemeyer have shown 
that kv accounts for the entire temperature dependence of the photo¬ 
chemical rate; k & is therefore independent of the temperature; the actual 
value of k<s can better be obtained from the more accurate experiments of 
Jost; using our value for the limiting rate in his experiments we obtain 
by the use of (12) 

k Q — 2.9 X 10 16 cc. 2 mol -2 see." 1 

If every triple collision led to recombination the value might be as much 
as 10 2 times larger than this; there is no reason to expect that recombi¬ 
nation would occur at every triple collision, and the value found for k 6 is 
to be considered satisfactory. Since the formula for the number of triple 
collisions contains what amounts to a fifth power of the molecular diameter, 
the number of collisions is very sensitive to the diameter used. It is of 
course a possibility that k Q is slightly dependent upon temperature, through 
some such factor as T*, but this does not in any way change our conclu¬ 
sions. The recombination of bromine atoms can be considered from a for¬ 
mally different standpoint, as Jost has done; he postulates the formation of 
an intermediate quasimolecule Br 2 ' which must either be stabilized by col¬ 
lision or lost by dissociation within a very short time after its formation. 
The mean life of these quasimolecules, in the absence of stabilizing col¬ 
lisions, is found to be 3 X Kh 18 sec., which is of the same order of 
magnitude as the duration of a collision; Jost therefore concludes that the 
recombination occurs at triple collisions. 

There is a third way in which bromine atoms might be lost, besides 
diffusion to the walls, and three body collisions; this is by the reverse of 
the primary photochemical process, that is 

Br + Br' = Br 2 + hv 

The Br' which occurs here would have an excitation energy of 10,400 
cal./mole, and since the observed rate of recombination is nearly inde¬ 
pendent of temperature, this process certainly could not be the most impor¬ 
tant sink for bromine atoms; that it is quite negligible is shown by the 
measurements of Kondrat’ev and Leipunskii, 17 who find that it takes place 
at only MH to 10™ of all collisions of Br and Br'. The three body re¬ 
combination takes place at about 1/200 of all the collisions of Br and Br 
at a pressure of one atmosphere, and these collisions are much more 
numerous than are the former type; this recombination with the emission 
of radiation thus plays no part in the reaction at moderate pressures. 

2 S*736°(1929) V LeipunskH ’ Z * Ph ^ 56:353 (1929); Trans. Faraday Soc 
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11.2. The Decomposition of Ozone.—The decomposition of ozone 
has been repeatedly studied by a host of investigators, without arriving at 
any certain conclusions. By the addition of certain catalysts it is possible 
to obtain decomposition at a lower temperature, and the results are con¬ 
siderably more reproducible than are those obtained with supposedly pure 
ozone. These catalytic reactions will be considered first. 


11.21. The Decomposition of Ozone Catalyzed by Nitrogen 
Pentoxide.—This reaction was discovered by White and Tolman, 18 who 
found that ozone which was itself stable at room temperature decomposed 
in the presence of nitrogen pentoxide at a rate much greater than would 
be required to reoxidize the amount of pentoxide decomposing as calcu¬ 
lated from the normal thermal rate. This phenomenon was studied in 
detail by Schumacher and Sprenger 19 and by Nordberg. 20 The work of 
Schumacher and Sprenger covers a rather wider range of pressure than 
that of Nordberg does, and it is therefore better suited to a determination 
of the order of this reaction; the two investigations stand in very good 
agreement, however, and it is thus well established that the notorious 
vagaries of the ozone decomposition are not retained in this catalytic 
reaction. 

It will be most convenient to give at once the empirical equation finally 
adopted by Schumacher and Sprenger. This is 

-^^ = 26[N 2 0 5 ]V*[0 s ] 2 /s (1) 

During any single run the pressure of nitrogen pentoxide remains con¬ 
stant, and, on the basis of (1), the kinetic behavior should be that of a 
simple two-thirds order decomposition. That is, a plot of log Ap/At 
against log p 0i should give a straight line with a slope of 2/3; Figure 22 
shows such a plot for one experiment; the straight line has a slope of 
0.6/3. Schumacher and Sprenger have calculated a two-thirds order con¬ 
stant for each run, using the simple equation 

dp/dt = v{p^y^ ( 2 ) 

They have then computed values of k from these values of k ' by the 
equation 

k' = HPv i0 y/* (3) 

These values are given in Tables XLVIII and XLIX. 


is White and Tolman, /. Am. Chem. Soc ., 47: 1240 (1925). 

1 9 Schumacher and Sprenger, Z. physik. Chem., 136A: 77 (1928) ; 2B: 267 (1929) . 
2° Nordberg, “Thesis,” California Institute of Technology, 1928; Science , 70:580 
(1929). 
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Table XLVIII. Decomposition of Oz — AzOg at 20.0° C. 


N 2 Os press. 

k X 10 s 

N 3 Os press. 

k X 10 3 

NsOg press. 

k X 10 a 

mm. 


mm. 


mm. 


0.608 

6.58 

7.10 

5.25 

29.40 

5.46 

0.652 

6.50 

7.53 

5.99 

43.70 

5.52 

1.68 

5.24 

7.60 

6.09 

43.80 

5.66 

1.80 

5.21 

13.00 

5.62 

64.70 

5.90 

2.93 

5.44 

12.98 

5.77 

66.50 

5.60 

2.99 

5,21 

29.40 

5.54 




Average value of k f 5.68 X 10‘ 8 ; average omitting first two, 5.57 X 10~ 3 . The 
units used in expressing k in this table are mm. Hg and minutes. 


Table XLIX. Decomposition of Os —NnOs at 36.0° C . 


N 2 Og press. 

k X 10 3 

N 2 O 5 press. 

k X 10 3 

NaOjs press. 

k X 10 3 

mm. 


mm. 


mm. 


0.169 

42.2 

1.72 

29.0 

7.17 

31.4 

0.505 

37.7 

3.42 

29.9 

7.30 

31.2 

0.529 

39.6 

3.46 

30,2 

12.0 

31.6 

1.69 

31.1 

6.89 

32.2 

20.8 

34.2 

Average value of k, 

34.4 X 10‘ 3 ; average 

omitting first three, 32.5 X 10' 3 . The 


units are the same as those of the preceding table. 



Ozone decomposition catalyzed by nitrogen pentoxide. The slope of the line shows 
that during a single run the reaction is two-thirds order with respect to ozone. 
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It will be seen that for pressures of nitrogen pentoxide in excess of 
1 mm., there is absolutely no trend in the constants, but that for the few 
experiments made at lower pressures, slightly higher results are obtained; 
Schumacher and Sprenger explain that in these experiments a different 
technique was used for measuring the pressure of nitrogen pentoxide, 
which would give low values, leading to high constants. At any rate, it 
seems well established that for nitrogen pentoxide pressures between 1.5 
and 70 mm. and ozone pressures between 1 and 300 mm. the empirical 
equation (1) is satisfactory. When the constants are reduced to our usual 
units they become 

20° C. k == 0.0245 (cc. mole* -1 ) 1 / 3 seer 1 

36° C. k = 0.145 

A recalculation of Nordberg’s data gives the values 

25° C. k = 0.0420 

35° C. k = 0.135 

these figures are in excellent agreement with the rates of 0.0434 and 0.130 
interpolated from Schumacher and Sprenger’s results. 

Schumacher and Sprenger have been able to find a mechanism which 
leads to their empirical equation. This mechanism involves the little 
known, and indeed somewhat hypothetical, oxide of nitrogen, NO s or 
N 2 O 0 . Such an oxide was first postulated by Hautefeuille and Chappuis, 21 
who found it spectroscopically in a mixture of nitrogen and oxygen after 
its passage through a Siemens ozonizer. Warburg and Leithauser 22 found 
that this substance was formed from nitrogen pentoxide and ozone, and 
since they were able in this way to get greater concentrations of it, they 
succeeded in locating as many as 15 absorption bands. Schumacher and 
Sprenger 23 have confirmed the general features of Warburg and Leit- 
hauser’s results. There is, of course, no direct evidence as to the formula 
of this oxide. 

Schumacher and Sprenger’s mechanism is 


( 1 ) 

N 2 0 5 = 2N0 2 + i0 2 

(fe) 

( 2 ) 

N 1 0 2 ~|~ Os = NO 3 —|- 0 2 

(*.) 

(3) 

NO s + NOs = 2N0 2 + 0 2 

(*.) 

(4) 

NOs + NO, = N,0, 

00 


21 Hautefeuille and Chappuis, Compt. rend., 92: 80 (1881) ; 94:1112, 1306 (1882); 
Ann. de Vecole norm, sup., 3:103 (1884). 

22 Warburg and Leithauser, Ann . Phys., 20 : 743 (1906) ; 23 : 209 (1907). 

23 Schumacher and Sprenger, loc. cit also Z. angew . them., 42 : 697 (1929). 
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We write down the steady state conditions in the usual way 
. d[ - NQj , = ^ [NQ2] [G(] _ fe 3 [N0 2 ] 2 - [NO,] [NO,] = 0 

= 2fe 1 [N.O.] - & 2 [N0 2 ] [Os] + MNO*] 2 - J*[NO,] [NO,] = 0 
at 

. d J N Osl + d[ NO g] _ 2ki [ NaQs ] _2^[N0 3 ][N0 2 ] =0 

dt at 


These lead to the equation 

[N 0 .]» + ^[N0 3 ][N,0.] -||[N 2 0 s ][0 3 ] =0 


The exact solution of this cubic equation is not useful; the second term 
is relatively small, and it is most convenient to solve for the concentration 
of N0 3 as a descending power series in the constant term; this series may 
be broken off after the second member, leaving as a close enough result 24 

[NO,] = [N 2 O 5 ] [0 3 ]) V8 (1 - fi) 

where 

03 _ ^ 1 ^ 4 2 [N 3 O 5 ] 

p [0 3 ] 2 


From this, to the same degree of approximation, we find 


[NO,] 


MN 2 O b ] 

^[NO,] 


( kfh [N. 2 o s ] 2 y/ 8 

VW [O,] ) 


(i + /f) 


The total rate of disappearance of ozone, according to this mechanism, is 

~^r =fe2tNa] [ ° s] 

= (“ 2/3 C°»3 2/ ^C 1 + 

= (n^) V3 [n 2 o 6 ] 2 /3[o 3 ]v* + mn 2 o s ] 


This is just the form of the empirical equation (1) except for the cor¬ 
rection term £i[N. 2 0 5 ] which is negligible under the experimental con¬ 
ditions used here; this term is produced by the second term in the series 
expansion for [NO,] and since it is inappreciable we may be sure that no 
sensible error has been introduced at this stage. 

24 The treatment given here differs in algebraic details from that of Schumacher 
and Sprenger, but the leading term of the result, the only one significant for experi- 
ment, is the same. 
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The mechanism given is thus formally successful in accounting for 
the experimental results. There are, however, several points which require 
closer attention. In the first place, as Schumacher and Sprenger point 
out, reactions of N0 3 with ozone and with nitrogen pentoxide have not 
been included in the scheme; in support of this omission they cite the fact 
that in the oxidation of nitrogen dioxide to the pentoxide with ozone only 
one molecule of ozone is used per molecule of pentoxide formed , 25 which 
could not be the case if these omitted reactions were rapid. Perhaps a 
more serious objection deals with the initiation of the chain by the decom¬ 
position of nitrogen pentoxide. This has been written formally in the 
usual way, representing the completed reaction; it is very probable that 
the first step is 

N 2 O 5 — O 2 N 2 0 3 (or NO -{— NOs) 
which in the normal decomposition is followed by the very fast reaction 


N 2 O s + N 2 O s = 4N0 2 

But here we have the possibility for the alternative reaction 
N*Os O 3 2N0 2 -f- 0 2 

This reaction also is known to be very fast; it is not known which of these 
two is faster; if this competition between ozone and nitrogen pentoxide 
for the trioxide (or the nitric oxide which is a product of its ready decom¬ 
position) is close, the mechanism will fail; it is essential that throughout 
the entire course of the reaction most of the trioxide shall be reoxidized 
by the same substance; it does not make much difference which, the only 
change being that if ozone is the oxidant the value which should be used 
for k ± is but half that for the undisturbed thermal rate. Since at the 
beginning of some experiments there was a hundred-fold excess of ozone, 
and near the end of others a fifty-fold excess of nitrogen pentoxide, and 
no trend in the constants was noticed, one of these reactions must be at 
least 500 times faster than the other, if this mechanism is to be accepted. 

By using the known values for the rate of decomposition of nitrogen 
pentoxide, overlooking the uncertainty just discussed, it is possible to 
compute values for the quantity k z 2 k B /k^ 2 , which is composed of three 
bimolecular rates, and has itself the dimensions of a bimolecular rate 
constant; this expression is found to equal 4.02 X 10 5 cc. mole " 1 sec ." 1 at 

25 Wulf, Daniels and Karrer, /. Am, Chem. Soc., 44:2398 (1922); Schumacher 
and Sprenger, Z . physik . Chem., 140A:281 (1929). It should be noted that the 
yield is always slightly less than one molecule of pentoxide per molecule of ozone, 
and that it seems to decrease somewhat when ozone is permitted to accumulate, 
even momentarily. It is thus not excluded that a reaction between NOa and Oa 
occurs. 



254 KINETICS OF HOMOGENEOUS GAS REACTIONS 


20° C,, and 1.04 X 10® cc. mole -1 seer 1 at 36° C. If these figures are 
treated as belonging to a simple bimolecular reaction, a procedure which 
is not unreasonable, the energy of activation is found to be 10,350 cal, 
and the collision number 2.1 X 10 13 cc. mole -1 seer 1 , which is of the normal 
order of magnitude. It would seem most probable that k 2 and & 3 have a 
slight exponential temperature dependence, and that k 4 contains T* as its 
only temperature dependent factor. This would then mean that the 
specific rate k 4 would be within the limits 10 10 and 10 14 cc. mole -1 seer 1 , 
and would thus occur at a fractioii of all possible collisions varying within 
the limits 1 and 0.001. Such a conclusion is interesting, since it has not 
yet been possible to prove the existence of a reaction of this type; it must 
be remembered that even in its main features this mechanism has not been 
certainly established, and that some of the details are very doubtful in¬ 
deed, so that k± is scarcely to be considered as known even within these 
rather wide limits. 

Under the experimental conditions of this work, the chain length is 
of the order of 100, increasing somewhat at lower pressures. 


11.22. The Decomposition of Ozone Catalyzed by Chlorine.—It 

has long been known that the decomposition of ozone was catalyzed by 
chlorine. Weigert 23 observed that the catalytic reaction was appreciable 
at 45° G, but not at room temperature. Chapman and Jones 27 found 
that at 100° C. the reaction was too fast to obtain reliable measurements. 
Bonhoeffer 28 found that even at room temperature the catalytic rate was 
measurable. 

The kinetics of this reaction have been studied in detail by Bodenstein, 
Padelt and Schumacher. 29 In the preliminary experiments it was shown 
that the erratic room temperature decomposition of impure ozone was 
completely stopped by a few millimeters of chlorine, so that the results 
may be accepted with some confidence as representing the true homo¬ 
geneous reaction between ozone and chlorine. It was also found that no 
oxide of chlorine could be obtained by fractional distillation of the con¬ 
densed gases, and on the basis of this observation it was considered justi¬ 
fiable to follow the reaction by pressure measurement under the assumption 
that there were no appreciable amounts of other substances than chlorine 
ozone and oxygen. The reaction was shown to be at least substantially 
homogeneous by using reaction vessels whose surf ace: volume ratios 
varied from 0.54 to 0.87 cm,- 2 . A somewhat more rigorous test of 
homogeneity would have been desirable. 

26 Weigert, Z. Elektrochem 14 : 519 (1908). 

Z £ an £ Chem ' Soc '> 9?:2463 (1910). 

28 Bonhoeffer, Z. Physik , 13: 94 (1923). J 

29 Bodenstein, Padelt and Schumacher, Z. physik Chem., SB : 209 (1929). 
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The rate measurements were made at temperatures of 35° and 50° C. 
It was found that there was an induction period during which the reaction 
velocity increased and after which the rate could be expressed by the 
equation 

-d[0 z ]/dt = k[O*]*[0 a ]* 

The pressure range over which this equation was tested is 60 to 2500 mm. 
H 2 S0 4 for ozone and 100 to 1300 mm. H 2 SO 4 for chlorine. The mean 
value of k was found to be 2.07 cc. mole -1 sec . -1 at 35° C., and 9.50 cc. 
mole -1 sec . -1 at 50° C. 

The mechanism suggested for this reaction is 


( 1 ) 

Cl, + O s = CIO -f- CIO, 

( 2 ) 

CIO, O 3 — CIO 3 -|- 0, 

(3) 

C10 3 +0s = C10, + 20, 

(4) 

CIOs + CIOs = Cl, + 30, 

(5) 

CIO decomposes 


The differential equations governing the concentration of C10 2 and C10 3 
may be written down in the usual way; they are 


d[C 10s] 
dt 

d[C IQ,] 
dt 


MClOs] [Os] - h[C\0 5 ] [O 3 ] — ^[ClOa ] 2 
- fe[C 10 2 ] [Os] + MClOs] [Os] + h[CU\ [Os] 


Bodenstein, Padelt and Schumacher assume that after the induction 
period, during which oxides of chlorine are forming, the rate of change 
of the oxide concentrations may be set equal to zero to determine the 
steady state concentrations. They then find 

[C10 3 ] = y|7o] [o„] [CIO,] = | 

the latter being an approximation based upon the neglect of & 4 [C 10 s] 2 
compared to & 3 [C10a] [O a ] which is justified if the chain is long enough. 
The rate of disappearance of ozone is 

_ = fe 2 [C10,] [Os] + fc 3 [Ci0 8 ] [Os] + ftx[Cl 2 ] [Os] 
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and here the last term may be neglected compared to the other two; this 


gives 

- = 2 h V| [ci 3 ] * [o,]» 


which is of the observed form. 

It is easy to see that this method of treatment is not entirely justified. 
A somewhat more accurate analysis may be given in the following way. 
The constant k 2 is much larger than k 3 ; this will be demonstrated pres¬ 
ently; therefore the treatment of C10 2 as a transient intermediate com¬ 
pound in the conventional manner is permissible, and its rate of change 
may be set equal to zero, giving 

h[C\0 2 ] [Oa] = h[ CIOs] [Oa] + h[CU] [Oa] 

This identity is now substituted into the other two differential equations, 
which become 


= fe x [Cl 2 ] [Os] - ^4 [CIO 3 ] ^ 

— = 2A 1 [C1 3 1 [Os] +2MC10 a ][0 s ] 

at 


The assumption is now made that in the final steady state, after the induc¬ 
tion period is completed, 

[aOa]=a[Oa]# 


If this is so, then 

d log [CIOs] __, d log [ 0 3 ] 
dt * dt 


and this relation leads to 


ha[O s ]»- |[C1 2 ] [O s ]^ = fe 1 [Cl 2 ] + M[0,]» 


At this stage the approximation of neglecting &i[Cl 2 ] as compared with 
& 3 a [Og] *, that is, of neglecting the first link in the chain, may be made, 
and the resulting equation solved for a. It is then found that 

[Cio 8 ] = [a,]# [ o,]K 

and when this is substituted back into the ozone differential equation and 
the term again neglected, the final result is obtained 

-^= 2 ‘>VS [CyM[0>I * 
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This differs from the result of Bodenstein, Padelt and Schumacher only 
in the constant multiplier. It must be remembered, however, that this 
expression gives only the limiting rate in the final steady state; numerical 
solution of these differential equations shows that the steady state is not 
at all rapidly attained; the ratio [C10'3]/[0 3 ] i [Cl 2 ] 4 increases from its 



Figure 23. 

These curves show, on an arbitrary scale, the calculated course of the chlorine- 
ozone reaction, for the case k 4 = 2k* ; it is to be noted that the ozone is almost com¬ 
pletely used up before k becomes sensibly constant; that is, the “induction period” 
persists throughout the reaction; when the ratio k*/k* is larger, the region of con¬ 
stant k is reached sooner. 

initial value of 0 quite rapidly at first but more and more slowly as time 
goes on; it attains the value ki/k 4 within a reasonable interval, that is, the 
first half of the reaction or sooner, but beyond this point its increase is 
very slow. Therefore if k z is large enough so that k-J(k± — k 3 ) is much 
greater than fa/k* the observed rate constants will increase throughout 
the reaction; 30 when k 4 = 2k B the ratio of these two radicals is 1.41, and 
an observable trend might be expected; if, however, k 4 — 4£ a , the ratio is 

30 In the case that ks > k 4 no steady state of the kind described will exist. 
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reduced to 1.15, which is sufficiently near unity so that the trend in the 
constants would probably go unnoticed. These considerations will prob¬ 
ably be clarified by Figure 23, which shows the instantaneous concentra¬ 
tions of CIOs and 0 3 during the greater part of a typical experiment, 
calculated from the differential equations, and also the ideal reaction rate 
constants. 

The work of Bodenstein, Padelt and Schumacher furnishes some 
additional evidence as to the validity of this mechanism. Thus they found 
that by mixing streams of dilute ozone and dilute chlorine dioxide at room 
temperature a very rapid formation of chlorine hexoxide took place. 31 
It could be calculated that reaction took place at least at every 100th 
collision, therefore with a value of k? of 10 12 cc. mole -1 seer 1 or greater. 
This value is large enough so that the chlorine dioxide will always be in 
essentially the steady state concentration which corresponds to the con¬ 
centrations of ozone, chlorine and chlorine trioxide actually present at 
any time. 

Bodenstein, Padelt and Schumacher interrupted one of the experiments 
made at 50° C. after the induction period was completed and held the 
mixture for two hours at 15° C., then restored it to 50° C. and continued 
the measurements. From the rate at 50° just before and just after this 
interruption it was possible to calculate the percentage decrease in con¬ 
centration of chlorine trioxide; from the relative rates at 15° and at 50° 
the temperature coefficient of the rate k 3 may then be found. It turns out 
that during this two-hour period the concentration of chlorine trioxide has 
fallen to .82.5 per cent of its original value and that the rate k 3 increases 
to 9.43 times its former value when the temperature is raised from 15° 
to 50°. Bodenstein, Padelt and Schumacher express this temperature 
coefficient by an “activation heat” of 11,850 cal. 32 They then go on to 
obtain approximate values for all the rates entering into the scheme, by 

31 The properties of this oxide of chlorine, which was first obtained photochemi- 
cally almost a hundred years ago, have been studied by Bodenstein, Harteck and 
Padelt, Z. anorg. Chem., 147:223 (1925), and by Schumacher and Stieger, ibid., 
184:272 (1929). The most convenient preparative method is this mixing of dilute 
ozone with dilute chlorine dioxide; if the attempt is made to use concentrated gases 
violent explosions occur, as might be predicted on the basis of the reaction mechanism 
being discussed, since in effect the two gases catalyze each other’s decomposition. 
The oxide may also be obtained by the photochemical decomposition of chlorine 
dioxide, when it occurs as an intermediate stage, and by the action of red light on 
mixtures of ozone and chlorine. The solid has a vapor pressure of about 1 mm. 
at 20° C., and the freezing point lowering in carbon tetrachloride indicates the formula 
ChOfi in this solvent. The decomposition is appreciable at room temperature even 
at 1 mm. pressure, so that accurate vapor pressure measurements cannot be made 
and the molecular weight of the vapor is unknown; the decomposition products are 
chiefly chlorine and oxygen, but a small amount of CIO* is formed, and may be 
detected spectroscopically. 

“ This is not the true energy of activation since the temperature dependence of 
collision frequency has not been taken into account. 
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use of the assumption that any bimolecular reaction rate constant may he 
represented by 

k = \0 14: e~ E ^ RT cc. mole -1 seer 1 

They are thus able to calculate k 2 from its temperature coefficient, and find 
the value 9.2 X 10 5 cc. mole -1 sec. -1 at 50°. Knowing k 3 they determine 
the concentration of C10 8 from the relation 

-^^ = 2 M C 10 s][°a] 

The values at the beginning and end of the 15° period are found to be 
1.49 and 1.23 X 10 -10 mole/cc. It is known that k x is so small at 15° that 
no decomposition occurs even in twelve hours, and therefore it is pos¬ 
sible to compute k 4 from these values; it is found that at 15°, k 4 = 
1.87 X 10 5 cc. mole -1 sec. -1 , and this corresponds, on the basis of the 
foregoing assumption, to an “activation heat” of 11,480 cal. and a rate 
at 50° of 1.70 X 10 6 cc. mole -1 sec.' 1 Finally k x is computed from the 
incorrect relation k t = (k/k z ) 2 k 4 and found to be 1.83 X 10 -4 cc. mole -1 
sec. -1 at 50°, corresponding to an “activation heat” of 26,200 cal. 

It is not clear how reliable Bodenstein, Padelt and Schumacher con¬ 
sider these values to be. It is almost certain that the ratio k s /k 4 which 
they obtain is too large, for the reason previously pointed out, that the 
induction period found experimentally does not persist throughout the 
entire reaction; furthermore, the method of treatment is such that the 
rates may be expected to be in error by factors of five and the energies 
of activation by 1000 cal.; larger errors than these would be easily pos¬ 
sible. These results are thus significant only as regards order of magni¬ 
tude. The chain length is equal to k/k lf and is therefore about 10 4 . This 
fully justifies the neglect of the first member of the chain. 

The question may be raised why the CIO is not taken into account. 
The reaction 

C10 + 0 3 ■= cio 2 + o 2 

might be expected to occur. It would not make any important difference 
for the mechanism of this reaction if this process did occur; the only 
change necessary would be to replace k x by 2k x . The reasons which led 
Bodenstein, Padelt and Schumacher to suppose that CIO did not react 
further with ozone will become clear in the next section. Actually, we 
have no evidence as to the detailed mechanism involved in starting the 
chain, and it would probably be wisest to replace both (1) and (5) by 
the more noncommittal 

Cl 2 + 0 3 = x new chains 
where x will presumably be either 1 or 2. 
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Bodenstein, Padelt and Schumacher are able to use their value for 
the energy of activation for k x to obtain a lower limit for the heat of 
formation of CIO. This is based upon the knowledge that the negative 
heat effect of a reaction cannot be greater than the energy of activation for 
that reaction. They then write 

Clo + O s = CIO + C10 2 - (26000 + b) cal. (b > 0) 

C10 2 = iCU + 0 2 + 23500 cal. 

3/2 0 2 =:0 8 — 34500 cal. 

iCU + iO, = CIO — (37000- b) cal. 

This gives for the heat of dissociation of CIO the value 50,000 + b cal. 
Since we cannot be sure that the value 26,000 cal. applies to the reaction 
to which it is here assigned, but little confidence can be placed in this 
result. 


11.221. The Chlorine Sensitized Photochemical Decomposition 
of Ozone.—When a mixture of ozone and chlorine is illuminated with 
blue light at room temperature, the ozone is decomposed. This reaction 
has been studied by Weigert 33 and the quantum yield has been measured 
by Bonhoeffer, 34 who found two molecules of ozone decomposing per 
quantum absorbed independent of the concentrations of chlorine used. 
Somewhat more recently, Allmand and Spinks 85 have obtained different 
results. According to their work, with weak ozone and high chlorine the 
quantum efficiency of the reaction approaches a lower limit of 2, and the 
rate is proportional to the first power of the light intensity. With strong 
ozone and low chlorine the quantum efficiency is high, values as great as 
60 having been measured, and the rate is proportional to the square root 
of the light intensity. It is found definitely that C1 2 0 6 is produced. 
Allmand offers as a possible mechanism for this reaction 


(1) Cl z + hv = 2Cl 

(2) Cl + Os = CIOs 

(2) CIO 3 -|- 0 3 = C10 2 + 20 2 

(4) CIO, + 0 3 = C10 3 + O. 

CIO 3 = JCh -f~ 3/2 0 2 on wall 
( 6 ) 2C10 3 = Cl 2 + 30 2 in gas 


SESBtfS S& : 14:5,1 w. 

resultf wXltf £ P on kS ’ NatU ?’ 3 24: 651 (1929 > '• L Chem - S °‘- »31:1652. The 
riven isl^rl h in r,,rf,f con f Rations are as yet unpublished, and the discussion 
given is based in part upon a friendly private communication from Professor Allmand. 
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Since the absorption of light by chlorine is rather feeble, low concentra¬ 
tion of chlorine means low light absorption and a low rate of production 
of chains. Under these conditions the first order wall reaction would be 
most important for the destruction of chains, whose mean life would there¬ 
fore be independent of their concentration, giving a reaction rate propor¬ 
tional to the light intensity. At high concentrations of chlorine, and 
presumably high light intensities, the rate of production of chains will be 
much greater, and the second order gas reaction will be of more impor¬ 
tance for the destruction of chains; this will lead, in the limit, to a con¬ 
dition where the rate is proportional to the square root of the light 
intensity. In all cases, increasing the ozone concentration would increase 
the rate of propagation of the chain without shortening its mean life, and 
therefore give a greater quantum yield. At ozone concentrations so low 
that the chain seldom got beyond the first step, the quantum yield would 
be 2. 

A different mechanism has been suggested by Schumacher and 
Wagner, 36 based merely on the earlier work of Bonhoeffer. This is 


(1) 

Cl 2 + hv — 2C1 

(7) 

a + o 3 = cio + 0 : 

(8) 

CIO decomposes 


The first step is established almost beyond doubt, and will be common to 
all mechanisms. The next step, (7), is at least reasonable; it may be 
expected to be rather rapid, since it involves a free atom and is probably 
exothermic. 37 At this stage, two molecules of ozone have been lost per 
quantum absorbed, and there still remain two molecules of CIO. Thus 
to get the quantum yield of two, it is necessary to complete the mechanism 
with the step (8). It may be calculated that this mechanism could not 
possibly give a quantum yield as low as 2 under the conditions of Bon- 
hoeffer’s experiments unless the rate constant for the reaction 

CIO + 0 3 = C10 2 + O, 

is as low as 10 7 cc. mole" 1 seer 1 This value is to be compared with that 
of 10 12 cc. mole" 1 sec. -1 for the oxidation of the dioxide by ozone. Since 
such a low value is very unlikely, it might be expected that Schumacher 
and Wagner's mechanism would lead to a limiting quantum yield of 4, 
under conditions such that the chain cannot be propagated. Nevertheless, 
(7) seems a more probable second step than does (2). 

36 Schumacher and Wagner, Z> physik. Chcm SB: 199 (1929). 

37 On the basis of the minimum value for the heat of formation of CIO obtained 
in the last section, this reaction is at least 26,000 cal. exothermic. It must not be 
forgotten that this minimum is somewhat uncertain. 
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The present situation is thus that for the photochemical reaction, just 
as for the pure thermal reaction, the exact steps involved in starting the 
chain remain somewhat uncertain. It is clear from the work of Allmand 
and Spinks that under favorable conditions some chain is involved in the 
photochemical reaction; there remain, however, some real discrepancies 
between the results of various workers; thus Schumacher and Sprenger 38 
were unable to find the very strong characteristic band spectrum of Cl0 2 
in a mixture of chlorine and ozone illuminated with blue light. In spite 
of these difficulties, the situation must be considered rather hopeful. Of 
the intermediate compounds involved, at least one, C10 2 , is an isolable 
chemical compound which can be added to the system in known amounts. 
It seems possible that a thorough study of the reaction, both thermally 
and photochemically, may result in knowledge of the mechanism as com¬ 
plete and well established as in the case of the formation of hydrogen 
bromide. 

11.23. The Reactions between Ozone and Bromine.—In contrast 
to his results for the chlorine sensitized reaction, Bonhoeffer 30 found 
for the bromine sensitized decomposition of ozone a quantum yield of 
about 30. In the hope of finding the reason for this difference, Lewis 
and Schumacher 40 investigated the thermal reaction. Its behavior was 
found to be entirely different from that between ozone and chlorine. 
At 20° C., with bromine pressures of SO to 100 mm. and ozone 40 to 
60 mm., the rate of decomposition of ozone was extremely rapid, so that 
rate measurements were impossible. When smaller amounts of bromine 
were used, 3 to 0.7S mm., at the same temperature, explosions occurred, 
provided the ozone pressure exceeded 25 mm. and not too much oxygen 
(several hundred mm.) was present; these explosions were not instan¬ 
taneous, and the time lag after mixing was greater the greater the bromine 
pressure. When there was no explosion, a very rapid decomposition of 
the ozone took place. 

When temperatures of 8° to 11° C. were used, a quite different be¬ 
havior was observed. The rate of pressure rise increased at first, passed 
through a maximum, remained constant for a while, then increased to a 
second very strong maximum and fell off rapidly, after which the reaction 
was complete. At bromine pressures around 3 mm. or less the first maxi¬ 
mum was not observed. The velocity during the constant portion was 

38 Quoted , Schumacher and Wagner, p. 207. 

38 Bonhoeffer, Z. Physik, 13: 94 (1923). 

40 Bernard Lewis and Schumacher, Z. physik. Chem., 138A: 462 (1928) ; Z. Elek- 
trochem., 35:648 (1929); Z. anorg. Chem., 182:182 (1929); Nature, 125:129 
(1930) ; Z. physik. Chem., 6B: 423 (1930). 



COMPLEX REACTIONS 


263 


roughly proportional to the bromine pressure, except that below 0.1 mm. 
it fell off more rapidly. 

It is obvious that the general character of these results requires an 
explanation based on a chain reaction. The material available, however, 
does not furnish data which permits the construction of this chain. 

By going to slightly lower temperatures, more satisfactory kinetic 
results can be obtained. It is found that at 8° and lower, in the presence 
of large excess of ozone, a bromine oxide is deposited upon the walls of 
the vessel. This oxide has the empirical formula Br 3 0 8 . After the initial 
period, during which the oxide is depositing, all of the bromine has left 
the gas phase. The rate of ozone decomposition then becomes constant, 
and remains constant as long as there is sufficient ozone left; when the 
ozone pressure has sunk to S or 10 mm., the rate of pressure increase 
then rises very rapidly, and at the same time the oxide disappears from 
the walls; this disappearance starts at a few centers and spreads rapidly 
from them. When the last of the solid oxide has disappeared, all of the 
ozone is found to have decomposed. The rate of loss of ozone during 
the constant period is proportional to the amount of oxide present, and 
independent of all other factors, except, of course, the temperature. The 
conclusion is unavoidable that this is an example, the only one known, of 
a first order solid phase reaction. The values found for the first order 
constant k in the expression 

— d[0 3 ]/dt = 2£[Br 2 ] 

are shown in Table L; here of course [Br 2 ] refers to the original con¬ 
centration before the oxide has been formed. 


Table L. Rate of decomposition of bromine oxide. 


Temperature 

k X 10 3 obs. 

k X 10 3 calc. 

° K. 

sec.- 1 

sec.- 1 

286.1 

4.83 

47 

280.2 

2.25 

2.4 

273.4 

1.08 

1.10 

261.1 

0.325* 

0.24 


* This value is based upon a single experiment, and is therefore not very reliable. 


The equation from which the values of k calc, are obtained is 
k = 1.3 X l0 11 e~ 17Q0 °/ RT 

Since it is not known how many molecules of ozone are required to 
reoxidize one molecule of the decomposed oxide, the exact value of the 
numerical multiplier is not significant; nevertheless it may be noted that 
this value is lower than for any known gas reaction with the possible 
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exception of tlie nitrous oxide decomposition. It is interesting also that 
there are two modifications in which the solid can exist; the form which 
is first produced is snowflake-like, but upon cooling to below -—35° C. the 
oxide goes over into fine needles. This low temperature form does not 
revert to the other very rapidly at higher temperatures, so that the rate 
of ozone decomposition in its presence may be measured. It is found 
that the rate is the same for the two forms during the constant period, 
but in the absence of ozone the low temperature form is much more stable. 
This fact suggests that the decomposition of the solid can become auto- 
catalytic when the decomposition products are not rapidly re-oxidized. 
Such a conclusion is supported by the manner of disappearance of the 
oxide—spreading from apparently active centers—and also by a com¬ 
parison of the k values given above with the time required for the oxide 
to disappear; this time is found to be rather less than would be expected. 

This work, of course, throws no light upon the photochemical decom¬ 
position, except insofar as it shows that the bromine ozone mixture has 
a strong tendency to produce reaction chains. The discrepancy between 
the reaction photosensitized by chlorine and that by bromine does not now 
appear to be as great as it did before the work of Allmand and Spinks. 
It appears likely, however, that a detailed analysis of the mechanism will 
be more difficult here than for the chlorine-sensitized reaction. 

11.24. The Thermal Decomposition of Ozone.—In the absence of 
highly specific catalysts, the decomposition of ozone occurs with a con¬ 
venient rate at 80°-100° C. This reaction has been studied by many 
workers, with highly unsatisfactory results. There has been general 
agreement that the main homogeneous part of the reaction is second order 
with respect to ozone; the influence of oxygen, on the other hand, has 
been the subject of frequent, and rather bitter, disputes; Jahn, 41 Penman 
and Greaves, 42 Griffith and McKeown, 43 and Wulf and Tollman 44 con¬ 
sidered that oxygen inhibited the reaction, the rate usually being taken as 
inversely proportional to the oxygen concentration. The contrary view, 
that oxygen was without effect on the rate, was held by Warburg, 45 
Chapman and Clarke 46 and Chapman and Jones. 47 In all of this work 
rather dilute ozone was used. For this reason considerably more weight 
is to be attached to the results of Riesenfeld and his students at Berlin, 
since they have used concentrated ozone. Riesenfeld and Bohnholtzer 48 

41 Jahn, Z. anorg. Chem 48:260 (1906). 

42 Perman and Greaves, Proc. Roy. Soc., 80A: 353 (1908). 

43 Griffith and McKeown, 7. Chem. Soc., 127:2086 (1925). 

44 Wulf and Tolman, 7. Am. Chem. Soc., 49 : 1183, 1202, 1650 (1927). 

45 Warburg, Ann. Physik, 9: 1286 (1902). 

46 Chapman and Clarke, 7. Chem. Soc., 93: 1638 (1908). 

47 Chapman and Jones, 7. Chem. Soc., 97:2463 (1910). 

48 Riesenfeld and Bohnholtzer, Z. physik. Chem., 130:241 (1927). 
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showed that the decomposition involved two simultaneous reactions, one 
of them second order with respect to ozone, the other first order; both 
appeared to be homogeneous; the second order constant was stated to be 
independent of pressure, while the first order constant varied inversely 
with the pressure, the rate being retarded by such inert gases as C0 2 , 
Ns, He and A. Riesenfeld and Schumacher 49 studied the reaction at 
low total pressures, 6 to 60 mm., where the first order decomposition is 
dominant; they reported that the first order part was not affected, at least 
more than very slightly, by the presence of 0 2 , A, N 2 or C0 2 ; the second 
order part, which appeared in their work only as a correction term, was 
apparently independent of the pressure of 0, 2 and A, but accelerated some¬ 
what by N a and much more by C0 2 . The first order reaction was re¬ 
garded as at least partially homogeneous. Riesenfeld and Wassmuth 50 
studied the reaction at pressures between 100 and 1000 mm.; they found 
that the second order constants could be represented by 

kz = A 2 + B 2 XPgPg 

a 

and the first order constants by 


k± — Ax Bx.XocgPg 

G 

Here A x and A 2 represent the rates in pure ozone; p Q is the pressure of 
inert gas of the kind G, a G and are characteristic multipliers for the 
gas of kind G , and Bx and B 2 are constants; B x is negative, B 2 positive, 
so that the first order reaction is retarded, the second order reaction accel¬ 
erated, by inert gases. The values of a Q for the series He, N 2 , A, 0 2 
C0 2 may be taken as 0, 3, 6, 6, 10; the values of for the series 0 2 , 
He, A, N 2 , CO*, as 0, 3, 3, 4, 10. The order of magnitude of the inert 
gas effect may be seen from the numerical results for C0 2 at 90° C.: 

kx — 1.38 X 10- 4 (1 - 0.0012 p COa ) seer 1 
h 2 = 38 (1 + 0.0043 p C o a ) cc. mole” 1 sec.” 1 

where /> COa is expressed in mm. The 10° temperature coefficient for the 
first order reaction is about 1.8, that for the second order reaction about 
3.0, for the range 90°-100° C. Finally, the first order part has been 
studied again by Schumacher and Sprenger, and shown to be hetero¬ 
geneous. 51 

It is very probable that the first order part is actually heterogeneous, 
and we shall not need to consider it further; it must be remembered, how- 

49 Riesenfeld and Schumacher, Z. physik. Chem 138A: 268 (1928). 

50 Riesenfeld and Wassmuth, Z. physik. Chem., 143A: 397 (1929). 

61 Schumacher and Sprenger, Z. physik. Chem., 6B: 446 (1930). 
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ever, that the perturbing action of this part is of great importance for 
the actual experimental work. 

All workers have been in approximate agreement as to the temperature 
coefficient; Warburg gave an energy of activation of 26,700 cal, Clement, 52 
who used a flow method at temperatures up to 250° C., 26,100 cal., Per- 
man and Greaves, 26,000 cal., Belton, Griffith and McKeown, 53 27,700 
cal., Wulf and Tolman, 30,000 cal., Riesenfeld and Bohnholtzer, 29,000 
cal., Riesenfeld and Wassmuth, 29,000 cal. It may thus be accepted with 
considerable certainty that the true energy of activation is at least 27,000 
cal. When this value is taken in conjunction with the rate constant of 
38 cc. moler 1 sec." 1 at 90° C. given by Riesenfeld and Wassmuth for the 
pure second order reaction, it is found that the simple expression Ze~ B/RT 
fails completely; in order to get a large enough value of Z, the molecular 
diameter would have to be taken as 3.6 X ICh 6 cm., an utterly impossible 
value. 

There are two possible methods of escape from this dilemma; the 
reaction may be assigned a chain mechanism, or it may be supposed that 
several internal degrees of freedom are effective in activation. Riesenfeld 
and Wassmuth adopt the chain interpretation; it is clearly impossible to 
write a chemical chain for this reaction, and they thus have recourse to 
the always somewhat unsatisfying energy chain. In this case, where the 
effect of inert gases is an accelerating one, such a mechanism requires the 
support of purely ad hoc hypotheses as to the energy transfers which can 
take place. Schumacher and Sprenger reject this interpretation, and adopt 
instead the view that several degrees of freedom are involved; if rotation 
is neglected, there are just six internal degrees of freedom for the two 
molecules; thus, adding in two squared terms for the translational energy, 
we would have 14 in all; when the rate is calculated for this number, 
using a formula similar to (III, 11), the diameter necessary is found to 
be 2.4 X10" 8 cm. 54 Riesenfeld and Wassmuth 55 have replied to the 
criticism of Schumacher and Sprenger by elaborating the mechanism they 
gave previously; it does not appear, however, to gain greatly in plausi¬ 
bility. 554 

11.241. The Photochemical Decomposition of Ozone. —It might 
be hoped that a study of the photochemical reaction would indicate whether 
or not chains are easily started in the ozone decomposition. This reaction 

52 Clement, Ann. Physik, 14:341 (1904). 

58 Belton, Griffith and McKeown, /. Chem. Soc 129:3153 (1926). 

54 The formula used by Schumacher and Sprenger is not quite correct, and it 
leads to a somewhat smaller change, though one still sufficiently large to account for 
the results. 

55 Riesenfeld and Wassmuth, Z. physik. Chem., 8B: 314 (1930). 

65a Schumacher and Sprenger, Z. physik . Chem., 11B:38 (1930), 
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has been studied by many workers. Their results are all summarized by 
Schumacher, 56 who concludes that the primary photochemical process is 

O B + hv = 0 2 + O 

the oxygen atom formed being in the normal state when visible light is 
used, and in an excited state with ultra-violet light. With visible light 
there is practically no evidence of chain formation, the quantum yields 
being almost always less than 2; with ultra-violet light, however, it appears 
that short chains are formed. It is not possible to draw any definite con¬ 
clusions about the mechanism of these reactions. 

11.3. The Reaction between Hydrogen and Chlorine.—Under some 
circumstances it is possible to initiate very long chains in mixtures of 
hydrogen and chlorine. In spite of more than a hundred years research, 
the mechanism of this reaction is still obscure, although within the last 
year considerable progress has been made toward a formal interpretation. 

The greater part of the work which has been done deals with the 
photochemical reaction. A very characteristic feature, and one which gave 
much trouble to the earlier workers, is the occurrence of an induction 
period whenever the gases contain traces of ammonia, nitrogen trichloride, 
volatile organic nitrogen compounds, chlorine dioxide, and certain other 
substances; it has been well established that these substances are slowly 
destroyed when the mixture is illuminated, and that the end of the induc¬ 
tion period marks their virtual disappearance. With modern improvements 
in vacuum technique, the induction period is seldom encountered. 

The occurrence of the reaction is dependent upon the presence of small 
amounts of water vapor, but larger quantities produce no additional effect; 
according to Coelin and Jung 57 when the water vapor pressure is 10" 7 mm. 
there is no reaction; when it is as much as 10~ 5 mm. practically the full 
effect is obtained. These results apply to illumination with visible light; 
when ultra-violet light is used, the quantum yield with dry gases is not 
greater than 7, though still enormously greater than for visible light; 58 
the most careful study of the effect of wave length on the quantum yield 
with moist gases seems to be that of Allmand and Beesley; 69 they find 
a maximum efficiency at about 4000 A., as shown by Table LI. 

Table LI. Relative quantum yields for HCl formation. 

\ 5460 A. 4360 4050 3650 3130 2500 

Relative yield . 0.45 1.41 2.06 1.08 1.00 0.20 

66 Schumacher, J. Am. Chem. Soc52:2377 (1930). 

67 Coehn and Jung, Z. physik. Chem., 110: 705 (1924). 

58 Coehn and Heymer, Naturwissenschaften, 14: 299 (1926). 

69 Allmand and Beesley, Nature, 123:164 (1929); /. Chem. Soc., 1930:2709. 





268 KINETICS OF HOMOGENEOUS GAS REACTIONS 


The result at 2500 A. is quite uncertain, and the correct value may lie 
anywhere between the limits 0.7 and 0.0, but there is very little doubt that 
the yield does drop off on both sides of 4050 A. It is of interest in con¬ 
nection with these results to recall that the convergence limit for non¬ 
vibrating chlorine molecules is at about 4790 A.;' 60 thus all the wave¬ 
lengths studied except 5460 A. would produce chlorine atoms in the instant 
of absorption, while this wave-length would give merely an excited mole¬ 
cule, except when absorption was by a molecule with 7300 cal. vibrational 
energy; this would be only one time in 10 5 at ordinary temperature, unless 
the vibrating molecule had a markedly greater absorption coefficient. It 
thus appears that the reaction can be initiated both by chlorine atoms and 
by excited molecules; the variation of the quantum yield with wave-length 
for regions where absorption leads to immediate dissociation must be 
explained by any theory which is to be considered wholly satisfactory. 

The rate of the reaction is directly proportional to the light intensity. 
This has been shown by a number of workers, the most elaborate investi¬ 
gations being those of Kornfeld and Muller, 61 who used white light with 
an extreme intensity variation of 64:1, and Allmand and Beesley, 62 who 
used monochromatic light, and attained an intensity variation up to 440:1. 

A number of equations have been given as representing the rate of 
the reaction. That of Thon 63 seems to be the best; it is 

d[HCl ] __^ r [H,][Cl a ] 

dt — ^ iabs 1 i T 

[Qi]{[H 3 ]+^[q,]} 

this equation applies only to moist gases, and to reaction mixtures at high 
enough total pressure. Thus, with the usual experimental conditions, the 
chains seem to be broken by oxygen. It would obviously be desirable to 
know what other chain-breaking mechanisms exist, and a number of in¬ 
vestigations have been inspired by this purpose. The reaction has been 
studied at low pressures by Marshall, 64 Rollefson 65 and Trifonoff. 66 The 
general conclusion derived from a study of these investigations is that at 
low pressures the chains are broken largely by diffusion of atoms to the 
walls, though Trifonoff observed also an unexplained abrupt cessation of 
all reaction when the total pressure fell below 0.4 mm. 

Bodenstein and Unger 67 worked with gases freed as completely as 

60 Elliot, Proc . Roy. Soc., 127A: 638 (1930), 

!o?£ mfeld and Miiller > z * Pbsik. Chem., 117: 242 (1925) 

62 Allmand and Beesley, I. Chem. Soc 1930: 2693 

65 Thon, Z. physik. Chem., 124:327 (1926). 

64 Marshall, I. Phys . Chem., 29:1453 (1925). 

66 Rollefson, /. Am. Chem. Soc., 51: 770 (1929) 

66 Trifonoff, Z. physik. Chem., 3B : 195; 6B: 118 (1929) 

m Bodenstein and Unger, ibid., UB: 253 (1930). 
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possible from oxygen. Under these circumstances the rate appears to be 
represented by the simple equation 

d[HC\]/dt = £/ aba [H 2 ] 

It is clear that the chains are broken neither by diffusion of atoms to the 
walls nor by three-body recombination in the gas, and there is considerable 
evidence that they are in fact destroyed by a volatile silicon chloride; the 
situation is not entirely satisfactory, since there is no significant increase 
in the quantum yield over that prevailing when the oxygen is quite low, 
but still the dominant factor in breaking the chains. 

The reaction may be initiated in other ways than photochemically. 
Porter, Bardwell and Lind 88 and Lind and Livingston 69 have used alpha 
rays for this purpose. It is found that the ratio of the yield per ion-pair 
to the yield per quantum absorbed is constant for mixtures of widely 
varying sensitivity (oxygen content) and that this ratio is at least 
approximately unity. It is shown also that the temperature coefficient of 
the radiochemical reaction is about the same as that of the photochemical 
reaction with white light; the temperature coefficient for green light is 
about 10 per cent greater. 

It has been shown by Marshall 70 that the reaction can be initiated by 
the introduction of hydrogen atoms. Bogdandy and Polanyi 71 showed 
that chains could be initiated by the introduction of sodium or potassium 
vapor. It is well established that the reaction 

(1) ' (Na, K) + Cl 2 = (Na, K) Cl -f Cl 

would occur under these conditions, and these experiments therefore indi¬ 
cate that the chain may be started by chlorine atoms. The primary photo¬ 
chemical process, at least for blue light, is definitely known to be 

(2) C1 2 + ^^C1( 2 P % )+C1( 2 P % ) 

The normal state of the chlorine atom is 2 P % ; the excitation energy of 
the 2 P^ state is 2500 cal. 72 It is quite uncertain whether one or both of 
the chlorine atoms is effective, and it is not known whether the atoms 
produced by (1) are excited or not. It might be expected that there would 
be a rather rapid transfer of atoms between the 3/2 and 1/2 states; at 
equilibrium the latter would constitute about 5 per cent of all the chlorine 
atoms, at room temperature. Rollefson and Lindquist 78 have attempted 
to show that the chains cannot be initiated by the photochemical dissocia- 


68 Porter, Bardwell and Lind, /. Am. Chem . Soc,, 48:2603 (1926). 

60 Lind and Livingston, ibid., 52: 593 (1930). 

70 Marshall, /. Phys, Chem., 29:842 (1925). 

71 Bogdandy and Polanyi, Z. Elektrochem., 33: 554 (1927). 

72 Turner, Phys. Rev., 27:397 (1926); Kuhn, Naturunssenschaften , 14:600 

^^Rollefson and Lindquist, J. Am. Chem. Soc. } 52 : 2793 (1930). 
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tion of iodine chloride; this substance has a band spectrum which con¬ 
verges to 5744 A., according to the measurements of Gibson and Rams- 
perger. 74 These authors considered it probable that the dissociation 
products were both normal atoms, but more recently Gibson 75 concluded 
that the chlorine atom was in the 2 P^ state; the most recent opinion, how¬ 
ever, that of Mulliken, 78 is that probably both atoms are normal. On the 
basis of the inactivity of the chlorine atoms produced in this way, Rollef- 
son and Lindquist conclude that only excited atoms can start reaction 
chains. The experimental results on which this is based have been disputed 
by Mellor and Iredale. 77 

Finally, Jost and Schweitzer 78 have succeeded in initiating the reaction 
by streaming previously illuminated chlorine into hydrogen; success de¬ 
pends upon avoiding capillary tubing, since this leads to a rapid wall 
recombination, and upon attaining a very short interval between illumina¬ 
tion and mixing; these two requirements are contradictory, so that the 
experiment is a difficult one. 

The thermal reaction has been studied by a number of authors. 784 It 
is conveniently measurable at about 200° C., and its kinetics resemble 
those of the photochemical reaction, but too little is known to permit any 
definite conclusions. 

The suggestion that this was a chain reaction is due to Bodenstein, 79 
but neither of his early suggestions as to the chain mechanism proved 
satisfactory. The atomic chain of Nernst 80 met with greater success; 
the original suggestion was merely for the chlorine atoms produced by 

(2) to react in the following way: 

(3) Cl + H 2 = HC1 + H - 1000 cal. 

(4) H + Cl 2 = HQ + Cl + 45,000 cal. 

The reaction heats which are given here are in every case the best avail¬ 
able modern value. The chain carriers were supposed to be destroyed by 
such reactions as 


(5) 


2H = H 2 


74 Gibson and Ramsperger, Phys. Rev 30:598 (1927). 

76 Gibson, Z. Physik, 50: 692 (1928) ; Gibson and Rice, Nature, 123: 347 (1929). 

76 Mulliken, Phys. Rev., 37: 1412 (1931). 

77 Mellor and Iredale, Nature, 127:93 (1931). Reply by Rollefson and Lind¬ 
quist, /. Am. Chem Soc., 53:1184 (1931). Reply by Mello,r and Iredale, I. Am. 
Chem. Soc,, 53:2802 (1931). Ashley and AVest, Nature, 127:308 (1931), also dis¬ 
agree with Rollefson and Lindquist’s results. 

78 Jost and Schweitzer, Z. physik. Chem., 13 : 373 (1931), 

7Sa Sirk, Z physik. Chem., 61:545 (1908); Melander, Ark. Kem, Mineral, 
Geologie, 5: No. 12 (1914); Sachtleben, Dissertation, University of Hannover, 1914; 
Christiansen, Z. physik. Chem., 2B: 405 (1929). 

js Bodenstein, Z. physik. Chem., 85:329 (1913); Z. Elektrochem., 22:53 (1916). 
80 Nernst, Z. Elektrochem., 24:335 (1918). 



COMPLEX REACTIONS 


271 


In this simple form, the mechanism does not account for the influence 
of either water or oxygen, and it predicts a reaction rate proportional to 
the square root of the light absorbed. Gdhring 81 wrote instead of such 
steps as (5) 

( 6 ) 

(7) 

This mechanism leads to 

d[HCl] _ /afr»[H 2 ] [Cl 2 ] 

[°d{£[H.]+|[Cw} 

when the steps (6) and (7) are supposed to have second order rate con¬ 
stants, and the chain is long; then, if 

kskj/k^Q = 10 

there is agreement with Thon’s equation. The influence of water vapor 
is not accounted for, however, and such steps as (6) are certainly not 
bimolecular. 

Coehn and Jung 82 attempted to explain the influence of water vapor; 
they postulated that absorption of visible light led to the formation of an 
excited molecule, which dissociated upon subsequent collision with a chlo¬ 
rine molecule; it might equally well be supposed that the atoms are formed 
directly, as is now known to be the case. They then attempted to show, 

by thermochemical calculations, that (3) could very seldom occur, and 

they wrote instead for the chain-carrying mechanism 

(8) Cl + HsO = HC1 + OH — 1300 cal. or more 

(9) 0H + Ha = H*0 + H+ Ocal. 

(4) H + Cl* = HC1 + Cl + 45,000 cal. 

For dry gases, with ultra-violet light, they suggested the formation of a 
more highly excited molecule, which could dissociate hydrogen molecules 
upon impact, thus accounting for a maximum quantum yield of two, by 
(4). This scheme suffers from at least two overwhelming objections. It 
requires the participation of water in every cycle of the chain; it can 
easily be calculated that a chlorine atom will make only 100 collisions a 
second with water molecules when the partial pressure of the latter is 
10~ 5 mm.; the experiments of Weigert and Kellermann, 83 however, show 

81 Gohring, ibid., 27:511 (1921). 

82 Coehn and Jung, Ber 56:696 (1923). 

83 Weigert and Kellermann, Z. physik. Chew., 107:1 (1923) ; see also Ichikawa, 
ibid., 10B: 299 (1930). 


Cl + 0 2 = CIO, 

h + o* = ho 2 
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that the duration of a chain is only about 0.01 sec., within which time 10 4 
cycles must occur; a single cycle, therefore, cannot require more than 
10~ 6 sec. The second criticism is that (9) is a slow reaction, in spite of 
the fact that it is approximately thermo-neutral. According to the most 
reliable estimates, this reaction would occur at about 10~ 10 of all collisions 
at room temperature, therefore the time required for a single cycle of the 
chain would be of the order of seconds. Furthermore, the OH radical 
appears to be much less stable than free atoms such as H or O, since, 
according to recent work of Bonhoeffer and Pearson, 83 * it disappears rather 
rapidly by the process 

20H = H 2 0 + O 

A more minor criticism is that there is no evidence for formation of an 
excited molecule when chlorine absorbs ultra-violet light. 

There seems to be no doubt that the water vapor must play a role in 
starting the chain, but not in its subsequent history; this would permit 
(8) as one of the initial steps, but (9) and (4) are ruled out. The question 
arises what other reaction might involve OH; the only possible bimolecu- 
lar process seems to be 

(10) 0H+a = HCl + C10 
which suggests 

(11) C10 + H, 2 = HC1 + 0H 

There is some evidence 84 that the heat of dissociation of CIO is at least 
50,000 cal., but unless it is as great as 71,000 cal., (10) will be endo¬ 
thermic; since the heat of dissociation of CLO into 2C1+0 is only 
90,000 cal., this higher value is most unlikely. There seems to be no 
possible reaction by which oxygen could break a chain of this character, 
since 

(12) CIO + O, = CIO, + O 

is 38,000 cal. endothermic even if the heat of dissociation of CIO is as low 
as 50,000 cal. 

This analysis has led to the exclusion of every possible mechanism 
based on second order reactions; not all suggested mechanisms have been 
actually discussed, since many of them obviously fail to satisfy the re¬ 
quirements given here. 

Very recently, Bodenstein has proposed a mechanism for this region 
which involves only trimolecular processes, and which is rather successful, 

88a Bonhoeffer and Pearson, Z. physik . Chem., 14B • 1 (193 H 
84 See Section 11.22. V 
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at least formally. This mechanism represents the working out of a sug¬ 
gestion made by Franck and Rabinowitsch, 85 who in turn credit the idea 
partially to a private communication from Pauling. Franck and Rabino¬ 
witsch conclude, on not very definite theoretical grounds that both (3) 
and (4) should have a considerable energy of activation; 86 they proposed 
for the chain-starting process 

(13) ci + H— O + H-H = Cl—H + O— H + H - 1000 cal. 

i i 

H H 

This reaction represents a kind of homogeneous catalysis of (3) by water 
vapor; it will be noted that, as the reaction is formulated, the chlorine 
atom and the hydrogen molecule do not come into contact at all, the one of 
them merely removing a hydrogen atom from the water molecule, while 
the other simultaneously supplies one to it; in justification of this catalysis 
it was stated that the reaction represented the simultaneous occurrence of 
(8) and (9); the latter at that time was thought to occur without activa¬ 
tion, and it was suggested that its heat might supply the activation needed 
for (8) ; it is now known that (9) does not occur easily, and there is thus 
somewhat less a priori justification for (13). Franck and Rabinowitsch 
did not consider the propagation of the chain, but suggested in a rather 
off-hand manner the reaction 

(14) H + Cl-Cl + H-H = H—Cl + Cl—H + H 

pointing out that an analogous elementary process 

H -f- C2H4 -j- H.2 — C^He H 


has been proposed by Taylor and Hill. 87 

The working out of these suggestions into a plausible mechanism is 
due to Rodenstein. 88 He proposes 


(2) Cl 2 + hv = 2 Cl 

(13) Cl + H—O + H—H = Cl—H -4 0—H + H 

I I 

H H 

(14) H + Cl-Cl + H-H = H—Cl + Cl—H + H (h) 


as Franck and Rabinowitsch, Z. 36: 794 (1930). 

soEyring, /. Am. Chetn. Soc 53:2537 <:^1) has more recently calculated a 
theoretical energy of activation for (3) of 14,000 to 25,000 cal., but he finds y 
same methods that (4) should require no activation. 

sr H. S. Taylor and Hill, J. Am. Chem. Soc 51:2922 (1929). This is but one 
of the possible explanations suggested for the experimental results, and there is 
certain evidence that the proposed reaction occurs. 

88 Bodenstein, Trans. Faraday Soc., 27:413 ( 1931 ). 
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(IS) 


(16) 


H + 0=0 = H—0 + O 

+ I I 

H-H H H 


O 

H + Cl-Cl + |I = HC1 + 
- O 


o 

Cl 

o 


(**) 

(*.) 


These five reactions represent the start, the progress, and the breaking 
of the chains; when the water vapor is present at a sufficiently high con¬ 
centration, the rate of the reaction will be independent of the rate of (13), 
since, in the absence of inhibitors which remove chlorine atoms by fast 
second order steps, they will almost all react eventually by (13). The 
rate of production of chlorine atoms by absorption of light may then be 
written as 27, where I is the light absorption expressed in einsteins. To 
follow Bodenstein’s notation, and to avoid two-figure subscripts, we shall 
use for the rate constants of (14), (15) and (16) the symbols k s , k* and 
k s respectively. Then we have for the steady state 


= 21- h[ H] [0,] [H 2 ] - ft,[H] [0.] [Cl 2 ] = 0 
at 


which leads to ^ 

[H] = [0 2 ]{MH 2 ] + mq.IT 

and 

d[HCl] _ 4kJ\C U] [Hg] 

~~dT~ ~ [Q,] {fc 4 [H 2 ] + ks[C \ 2 ]} 

in agreement with Thon’s empirical equation. If the chain-breaking steps 
are followed by 

(17) 0H + H + M = H,0 + M 

(18) C10 2 + H ~ HC1 + 0 2 

this merely leads to a doubling of the effective values of and ks, and 
the form of the result is unchanged. For the chain-breaking process by 
a silicon chloride in the absence of oxygen, one must assume some such 
reaction as 

(19) H + Cl-Cl + X = H—Cl + Y + Cl-Cl (fc e ) 
and then the reaction rate becomes 

ri[HCl] 4fea/[ H 2 ] 

dt &q[X] 

which is once more in agreement with experiment. 
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If the rate constant for (14) is 10 15 cc. 2 mole"' 2 seer 1 , corresponding 
roughly to reaction at every collision, then when the chlorine and hydro¬ 
gen partial pressures are each atmosphere the time required for a single 
step in the chain is 4 X 10' 7 sec., in good agreement with experiment. 
When the water vapor pressure is 0.004 mm., the time required to start 
the chain will be 0.04 sec., assuming that (13) also occurs at every col¬ 
lision; since this is a reasonable value for Weigert and Kellermann’s 
experiments, it appears that both the start and the propagation of the chain 
can be fast enough. Since the full effect of water vapor is attained at the 
lower value of 10~ 5 mm., however, it seems necessary to use a value of k 3 
of about 10 16 cc. 2 mole" 2 sec." 1 , to bring the time between formation of 
chlorine atoms and reaction by (13) down to one second, which is about 
the limit imposed by diffusion to the walls; under these conditions the 
bimolecular reaction (3) must still seldom occur, a result which would be 
attained if it had an energy of activation of 14,000 cal., leading to a col¬ 
lision yield of 10" 10 at room temperature. The reaction (4), on the other 
hand, could be somewhat faster, but it must have an activation energy of 
4000 cal. at any rate, that is, a collision yield of not more than 10A 
Finally, if (15) and (16) also occur at every collision, then in chlorine 
which has been freed from oxygen rather carefully, though not to the 
extent achieved by Bodenstein and Unger, the oxygen content is 0.01 to 
0.001 per cent; this also is reasonable. 

Furthermore, the mechanism seems able to account for certain other 
facts: the decrease in yield with shorter wave-lengths found by Allmand, 
together with the observation of Weigert 89 that 40 per cent of the hydro¬ 
gen in a mixture of 50 per cent H®, 25 per cent 0 2 , 25 per cent Cl 2 
could be converted to water by ultra-violet light, in marked contrast to 
Cremer’s 90 statement that a similar mixture with visible light gave HC1 
and H 2 0 in the ratio of 20:1. It is only necessary to postulate a reaction 

H 

H / 

(20) €1 + 0=0+ I =a-o + o 

v y H \ 

H 

which has a few thousand calories energy of activation; then chlorine 
atoms of low velocity would react mainly by (13), but those with excess 
kinetic energy, derived from dissociation of the molecule by a larger 
quantum, would tend more and more to be used by (20) and thus lost to 

the main reaction. # . 

There are, however, certain objections which may be raised. In par- 


89 Weigert, Ann . Physik, 24:243 (1907). 

90 Cremer, Z. physik . Chem 128:285 (1927). 



276 KINETICS OF HOMOGENEOUS GAS REACTIONS 


ticular, there is no independent evidence of importance for the existence 
of this type of trimolecular reaction. It is also an unpleasant feature that 
the reactions (3) and (4) have such low yields, since the kindred processes 

H+ Br 2 = HBr + Br 
H + I 2 = HI + I 
Br + Ha = HBr + H 

require either no activation, or very little more than required to balance 
the heat of reaction. This can scarcely be considered a serious objection 
to the scheme, however, since it has been shown, as rigorously as is cus¬ 
tomary in reaction rate work, that (3) and (4), whatever the reason, are 
not involved in the reaction. 


11.4. The Method of Highly Dilute Flames.—It is sometimes pos¬ 
sible, by the analysis of a complex reaction mechanism, to arrive at values 
for the rates of fairly rapid elementary reactions, but those that take place 
at every collision nearly always elude measurement in this way. It is, 
moreover, not possible to know in advance just what information will be 
obtainable from a complex scheme. The development of methods for 
the more direct determination of the rates of very rapid reactions is thus 
of great importance. One of the most useful of such methods is that of 
the so-called highly dilute flames, developed by Beutler and Polanyi. 91 
In this method, vapor streams of two such substances as sodium and 
chlorine, at pressures of the order of 0.001 mm,, are allowed to mix; even 
though the reaction takes place at every collision, the reaction zone will 
be somewhat longer than the mean free path, which at these pressures 
amounts to several centimeters. It is thus possible to measure the density 
distribution of the solid product along the walls of the tube, and also the 
intensity distribution of any chemiluminescence which may be produced. 
From these measurements considerable information may be derived. 

It has proved convenient to use two different types of reaction tubes. 
One of these is simply a long cylinder, of perhaps a meter in length and 
a few centimeters diameter. The two gases are allowed to enter, one at 
each end. Such an arrangement is satisfactory for measuring the velocity 
of the primary reaction. The other type of tube contains a small nozzle 
through which one of the reactant gases is introduced into an excess of 


N&urwssenschaften, 13:711 (1925); Z. Physik, 47:379 
(1928), Z. physik. Chem ., IB: 1 (1928). See also , for the origin of this method 

ri92^ • a r ,C faint SCh ’ 9 A ; 302 ( 1922 n Franz an d Kallman, ibid., 34:924 

107 niton 1 p W + f nd T f e nm, Naturwissenschaften , 14:83 (1926); Z. Physik, 40' 
107 (1926) , Beutler and Josephy, Naturwissenschaften, 15:540 (1927) ; Hasche 

48-m 1 (?928) 0gt ’ Z ‘ PhySlk ’ 41: 583 ( 1927 > ; Kondratjew, Z. Physik, 45 : 67 (1927) ; 
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the other. 92 It is possible to obtain much greater light yields with this 
type of tube, and since, for the reactions which have been studied, the 
light is always produced by a secondary or tertiary process, the rates of 
these subsequent reactions may be determined most conveniently in such 
a tube. The actual methods used may best be given by an illustration; 
we select for that purpose the sodium chlorine flame, which has been 
studied by Polanyi and Schay. 93 


11.41. The Sodium Chlorine Flame.—It will be convenient to start 
by considering what reactions might be expected. The reacting system 
contains originally Cl 2 , Na and a small amount of Na 2 . According to our 
general ideas the reaction 

( 1 ) Na -f Cl 2 = NaCl + Cl + 40,700 cal. 

will probably be very fast, taking place at a large fraction of all collisions. 
The chlorine atoms formed ought not to undergo the gas reaction 

(2) Na + Cl = NaCl + 97,600 cal. 

though this process could of course take place on the walls of the tube; 
these atoms could, however, react with a high specific rate according to 
the equation 

( 3 ) Cl + Na 2 = NaCl + Na + 78,300 cal. 

This reaction liberates a greater amount of light than the primary reaction, 
an amount sufficient to excite the D-lines of sodium, which require 48,300 
cal. It may thus be expected that if there is any emission of these lines, 
it will be caused by this reaction. 

These experiments are made in the region of Knudsen molecular flow, 
so that the amount of gas passing any cross-section is given by 

Q = 1 /Kdp/dl 


For a substance of molecular weight M, in a tube of diameter d cm., K has 
the value 

6 


K = 


] MRT 


d? 


1 2n 


when Q is measured in moles and the pressure gradient dp/dl in bar/cm. 
(= dyne/cm. 8 ). The validity of this formula under the experimental con¬ 
ditions used has been directly tested. 94 It is then clear that if 17(0 gives 

92 Bogdandy and Polanyi, Z. physik. Chem. } IB: 21 (1928), 

03 Polanyi and Schay, Z. physik. Chem., 1B:30 (1928). 

04 Welke, “Dissertation,” Berlin, 1928, 
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the rate of reaction at the point l, expressed in moles of material reacting 
per unit length of tube per second, the steady state condition will be given 
by the differential equation 

i $-*«>= 0 

Thus if the function U(l) can be experimentally determined, the equation 
may be graphically integrated and the pressure distribution throughout 
the tube found; this is done for each reactant separately; the concentra¬ 
tion of the reactant and the amount of reaction are now known for each 
point, and values for the rate constant can then be calculated. In practice 
this method is too cumbersome, and in most cases the rate constant is 
determined instead from the “half-width” of the precipitation curve; the 
formula by which this may be done is 

27 1 

B 3 2q'U'K x 'K* 

where k gives the number of moles per cc. per second which would be 
transformed at a partial pressure of each reactant of one bar, q is the 
cross-section of the tube, U the actual transformation in moles per sec., 
K x and K 2 are the tube resistances for sodium and chlorine, and B is the 
half-width of the precipitation zone. In determining the half-width of 
the precipitation curve, correction must be made for the secondary reac¬ 
tions ; it is found that the curve falls off more steeply on the halogen side; 
the explanation of this is that halogen atoms which are formed in the 
primary reaction may migrate a considerable distance down the sodium 
side before they react either at the wall or with a sodium molecule; the 
primary precipitation curve is thus obtained by assuming that it is sym¬ 
metric and that the halogen side of the experimental curve is due entirely 
to the primary reaction. A second small correction must be made for the 
fact that the precipitation curve on the walls is a little broader than the 
actual precipitation zone in the gas. In this way it is found that the 
reaction 

(1) Na + a 2 = NaCl+Cl 

has a rate constant of 2 X 10 15 cc. mole -1 sec. -1 ; this measurement is made 
at 300° C., the usual temperature of these experiments, but it is to be 
supposed that the rate is only slightly temperature dependent. 

With the experimental conditions used in the preceding work, most of 
the secondary reaction occurs on the walls, and it is thus not possible to 
determine the rate of the gas reaction with any accuracy. For this pur¬ 
pose a nozzle flame is used. By using flames of this type, it is possible to 
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have a much larger pressure of sodium throughout the entire reaction 
zone; as a result a much greater light yield is obtained. 

It is well established that this secondary reaction involves Na 2 ; when 
the reaction zone is super-heated, the light yield, which must come from 
the secondary reaction, falls off, and when only part of the zone is heated, 
the yield falls off only in the neighborhood of that part. It appears that 
the actual light emission comes about after a tertiary process; the sec¬ 
ondary reaction seems to be 
( 3 /) Cl + Na 2 = NaCl* + Na 

This is then followed by 


( 4 ) NaCl* + Na = NaCl + Na( 2 P)' 

This may be seen from a consideration of the effect of nitrogen in quench¬ 
ing the luminescence; the maximum pressure used was 0.08 mm., and this 
was sufficient to reduce the light yield sixty-fold; since the greatest effect 
that could be expected if the quenching involved sodium atoms is about 
10 per cent, it is clear that excited atoms cannot be formed directly by 
( 3 ); it is found by a more complete analysis that the effective cross- 
section for deactivation of NaCl* by N 2 is about one-fourth or one-fifth 
that for deactivation by sodium. 

The calculation of the velocity constant of the secondary reaction 
Cl+Na 2 = NaCl + Na 


involves a knowledge of the concentration of Na 2 . The most recent work 
on the vapor density of sodium is that of Rodebush and Walters ; 95 their 
results are in agreement with a value of about 19,000 cal. for the heat 
of dissociation of Na 2 ; 96 the other spectroscopic data for Na 2 is blown 
with considerable accuracy, and it is possible to calculate the dissociation 
constant from an equation given by Gibson and Heitler ; 67 it is found that 
at 580° K., the temperature in most of these experiments, the equilibrium 
constant is about 250 dynes. This value is about 12-fold smaller than 
that used by Polanyi and Schay and the rate constants which they give 
must be correspondingly reduced. Making this correction, the velocity 
constant for 


( 3 ) Cl -f- Na 2 — NaCl -j- Na 

is found to be about 6 X 10 18 cc. mole' 1 sec.- 1 . An upper limit of 7 X 10 10 

cc. mole” 1 seer 1 for the gas reaction 

^ 2 ) Na “j“ Cl ~ NaCl 

Rodebush and Walters, I. Am. Chem. Soc 52 : 2654 (1930). 

86 See also Kinsey, Proc. Natl .. A cad. Set., 13.37 (1929). 

97 Gibson and Heitler, Z. Physik, 49: 465 (1928). 
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is calculated. From the decrease in light yield by superheating, a value 
of 18,000 cal., with an uncertainty of 2,000 cal., is found for the heat of 
dissociation of Na 2 . 

11.42. The Sodium Iodine Flame.—This flame has been studied by 
Ootuka and Schay; 98 it is found to be in all respects similar to the sodium 
chlorine flame. The rate constant of the primary reaction 

(5) Na + I 2 = Nal + I + 33,700 cal. 
was not determined; that of 

(6) I + Na 2 = Nal + Na + 49,600 cal. 

was found to be about 10 14 when the dissociation constant of Na 2 at 
580° K. is taken to be 3000 dynes. When the more probable value of 
250 dynes is adopted, this rate is reduced to 10 13 cc, mole -1 seer 1 The heat 
of dissociation of Na 2 as determined from flames of this kind is 16,500 
cal., in sufficiently good agreement with the probable value. 

11.43. The Sodium Bromine Flame.—Here the experiments have 
been made by Ootuka; 99 from super-heating experiments the heat of 
dissociation of Na 2 is found to be 19,000 cal.; the agreement with that 
found when chlorine flames are used suggests that the lower, result ob¬ 
tained with iodine is probably erroneous. Here again only the secondary 
reaction 

(7) Br + Na 2 = NaBr + Na + 68,700 cal. 

is studied; the rate constant is 7 X 10 14 cc. mole"* 1 seer 1 if the dissociation 
constant for sodium at 580° K. is 3000 dynes and 6 X 10 18 if it is 250 
dynes. 


11.44. The Sodium Mercuric Chloride Flame.—It proves possible 
to replace the halogen in these flames by a volatile halide; for this purpose 
Ootuka and Schay 100 have used mercuric chloride. Here the reactions are 


(8) Na + HgCl 2 = NaCl + HgCl + 30,000 cal. 

(9) Na + Hgd = NaCl + Hg + 58,000 cal. 


T ! 1 ? re ^ 1US r? fundamental difference that the secondary reaction, upon 
which the emission of light depends, does not require Na 2 to occur in the 
gas phase. For flames of this character, therefore, there is no effect pro- 


“ Ootuka and Schay, Z. physik. Chem., IB : 62 (1928) 

99 Ootuka, Z. physxk. Chem., 7B : 407 (1930) J 

100 Ootuka and Schay, Z. physik. Chem., IB: 68 (1928) 
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duced by super-heating the reaction zone; there is the further desirable 
result that the determination of the rate constants is entirely independent 
of the dissociation constant for Na 2 . The actual rate constants found are 
3 X 10 15 cc * mo ^ e " 1 f° r (8) and 2 X 10 14 cc. mole -1 seer 1 for (9). 

The sodium mercuric bromide flame has been studied somewhat by 
Ootuka, 101 and shown to be in all respects similar to that with mercuric 
chloride. He has not determined actual reaction rate constants, however. 


11.45. Sodium Potassium Halogen Flames.—Ootuka 102 has studied 
further flames of potassium and chlorine or bromine, with about 7 per 
cent of sodium added; the purpose of this addition has been to permit 
visual study of the chemiluminescence, since the violet radiation from 
potassium is scarcely visible. The system is rather too complicated, how¬ 
ever, and no results are obtained which are of interest for our present 
purposes. 


11.46. Sodium-Hydrogen Halide Flames.—These flames have been 
studied by Schay. 103 The three common hydrogen halides, HC1, HBr, HI, 
have all been used. The reaction velocities found for the primary reaction 

Na~f HZ = NaX + H 


increases from HC1 to HI; this change is at least partially associated with 
the heat effect of the reactions; this heat effect is not known with any 
precision, and the uncertainty is particularly important since the actual 
magnitude of the effect is small in all cases; the values which will be given 
here differ in an irregular manner from those used by Schay; they are 
based upon the dissociation heats tabulated in Appendix II, as are all heat 
effects throughout the present work. The rate of the primary reaction is 
determined from the density distribution of NaZ on the walls of the tube, 
in the usual manner, for both simple tube flames, and jet-type flames; the 
values obtained in the former way are more reliable, especially for the 
faster reactions, and greater weight is given to them. 

Na + HC1 = NaCl + H - 8600 cal. 

The rate found for this reaction is 2.5 X 10 12 cc. mole' 1 seer 1 at 600° K. 
and 10 X 10 12 cc. mole" 1 sec. -1 at 700° K. If it is assumed that the heat 
of activation is 8600 cal., the corresponding collision numbers are found 
to be 3.2 X 10 15 at 600° K. and 4.6 X 10 16 at 700° K.; the equivalent 
cross-sections are 160 X 10~ 16 cm. 2 and 220 X 10 1 cm. 


101 Ootuka, Z. physik. Chew., 1 B: 407 (1930). 
i°2 Ootuka, Z. physik. Chew., 7B:422 (1930). 
ios Schay, Z. physik . Chem., 11B;291 (1931). 
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This reaction has also been studied by Hartel, 104 using the diffusion 
method of Hartel and Polanyi. 105 This method guarantees that the reac¬ 
tion being studied is homogeneous, a thing which the flame method used 
by Schay does not do in such a direct manner, especially when, as in this 
case, the chemiluminescence yield is low. The reaction rate found in this 
way agrees quite well with that given by Schay. Hartel has also made 
two pairs of experiments to determine the temperature coefficient of this 
reaction; the values found are 6000 cal. (S40°-760° K.) and 6500 cal. 
(520°-820° K.). The corresponding reaction rates are not given. It 
appears probable, therefore, that the reaction is somewhat less endothermic 
than we have calculated; if we use an energy of activation of 6250 cal. 
the cross-section comes out about 30 X 10" 16 cm. 2 , which is a more likely 
value, since we do not usually find enhanced cross-sections for reactions 
which require activation. 

Schay has studied also the further processes in the flame which give 
rise to the chemiluminescence; these are fairly complex; the H atoms 
formed probably react with HC1: 

H + HC1 = H 2 + Cl 

Then the Q atoms can produce the excitation of sodium by the same 
mechanism as in sodium chlorine flames; in this case, then, we have the 
luminescence occurring as a quarternary step. This mechanism cannot 
account for all of the luminescence, however, since although the light yield 
falls off when the reaction zone is superheated, it does not do so to the 
same extent as in sodium chlorine flames; Schay suggests, therefore, that 
some of the light is formed by 

NaH + H = H 2 + Na 

It does not prove possible to determine the rates of any subsequent reac¬ 
tions, and the details of the luminescence measurements are thus not of 
interest to us here. 

Na + HBr = NaBr + H - 1450 cal. 

This reaction is quite similar to the preceding one; the rate is somewhat 
greater, being about 6 X 10 13 cc. mole- 1 seer 1 at 600° K. If it is assumed 
that the heat of activation is 1450 cal. the collision number turns out to be 
2 X 10 14 ; the corresponding cross-section is 12 X 10“ 1Q cm. 2 , which is very 
close to the kinetic theory value. 

This reaction also has been studied by Hartel, in a similar manner to 
the preceding one. The rate found agrees with that obtained by Schay; 

!!tS arteI} Z ‘ Phsik. Chew., 11B: 316 (1931). 

Hartel and Polanyi, Z. physik . Chew., 11B;9 7 (1930). 
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the heat of activation was not considered large enough to mak e its direct 
measurement feasible. 

Na + HI = Nal + H + 1870 cal. 

In this case the reaction is probably exothermic. The rate found by Schay 
is 5 X 10 14 cc. mole- 1 sec.- 1 at 600° K.; the corresponding cross-section 
is 30 X 10-“ cm. 2 Hartel obtains a somewhat smaller value, which is to 
be expected, however, as the diffusion method is not well-suited to very 
fast reactions. 

11.47. Potassium-Hydrogen Halide Flames.—These flames also 
have been studied by Schay. The results are similar to those found with 
sodium, but the reaction rates are somewhat greater. The results may be 
given in tabular form. 

K + HC1 = KC1 + H + 1800 cal. k = 10 14 cc. mole' 1 sec." 1 

cross-section = 6 X 10 -16 cm. 2 

K -f~ HBr = KBr + H -j- 3450 cal. k = 3.7 X 10 14 cc. mole -1 sec. -1 

cross-section = 26 X 10 -16 cm. 2 

K + HI = KI + H + 4130 cal. k = 2 X 10 15 cc. mole -1 sec. -1 

cross-section — 150 X 10 -16 cm. 2 

The chief interest of these reactions and those of the preceding section 
lies in the fact that the heat effects are in all cases comparatively small; 
it is important to find that even a reaction which is exothermic to the 
extent of only one or two thousand calories may take place without acti¬ 
vation. 

11.48. Diffusion Flames.—The methods which have been so far de¬ 
scribed are not particularly suitable for reactions which are too slow and 
they suffer the further disadvantage that when there is little or no chemi¬ 
luminescence it is hard to be sure that the wall reaction is unimportant. 
These troubles are overcome by the very ingenious modification described 
by Hartel and Polanyi. 1 ' 06 Here the same general arrangement is used as 
in producing the jet-type of flame, but both reactant gases are carried along 
in streams of inert gas. By this means diffusion is made slow enough so 
that the gas leaving the jet reacts completely before reaching the wall. 
Under these circumstances, of course, the form of the deposit on the wall 
is of no value for determining the reaction rate; the experiments so far 
made have used sodium as the jet gas, and have illuminated the flame with 
light from a sodium resonance lamp so that the flame size may be directly 

106 Hartel and Polanyi, Z. physik, Chem.j 11B:97 (1930). 
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determined. The details of the calculations are described in the reference 
cited. 

This method has been applied to the reactions of sodium with a wide 
variety of organic compounds. The results of these measurements have 
been already described in other places. 


11.5* The Decomposition of Ethylene Oxide.—Heckert and 
Mack,™ 7 who studied this reaction, considered that it was a unimolecular 
decomposition. It is probably true that there is a first order step involved, 
but the nature of this step remains entirely unknown, and the reaction as 
a whole is complex. 

The decomposition occurs with a measurable rate in the range 380° to 
444° C.; it is definitely homogeneous in pyrex vessels. The main reac¬ 
tion is 

(CH 2 ) 2 : O = CH 4 + CO 

but a small amount of hydrogen, and an equivalent quantity of ethane are 
formed; the carbon monoxide constitutes almost exactly 50 per cent of 
the reaction products and the final pressure is quite accurately twice the 
initial. 

When first order constants are calculated from the pressure change 
from point to point during the reaction they first increase, then remain 
constant for a considerable period and finally decrease toward the end of 
the reaction. The duration of the induction period is about 30 minutes 
at 380° C. and decreases as the temperature is increased. It proves pos¬ 
sible to account for the induction period and the first order constants that 
succeed it by the following mechanism: 

(CH 2 ) 2 :0 = B 
B = CH 4 + CO 

Both of these reactions are supposed to be first order; then, if we write 
A for (CH 2 ) 2 :0 and C for CH 4 + CO, we have the following equations: 

— dA/dt — k x A 

— dB/dt = k z B —- k x A 
dC/dt= k 2 B 


Upon integration it is found that 

. 4 -°~ £. — _ b -h 

Aq k z ~~ 





107 Heckert and Mack, L Am, Chew. Soc. } 51: 2706 (1929). 
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It proves possible to find values of h and k 2 which reproduce satis¬ 
factorily the course of the induction period and the subsequent first order 
part of the reaction. Heckert and Mack postulate that the intermediate B 
is a high energy form of acetaldehyde, to which ethylene oxide is known 
to isomerize readily; since the energy of activation for k x is about 52,000 
cal., and the heat of isomerization about 23,000 cal., the freshly formed 
acetaldehyde molecules would have an excess energy of about 75,000 cal.; 
this is great enough so that a first order decomposition might be expected; 
at 380° C., however, the value of k 2 is about 2.5 X 10‘ 3 sec.- 1 , or the half 
life of B about 280 sec.; it is simply impossible to suppose that after so 
long a period the molecules of B could retain any activation which they 
may have had. Since acetaldehyde is stable at 380° C., and since the 
decomposition cannot be due to the extra energy of freshly formed mole¬ 
cules, the hypothesis that B is acetaldehyde must apparently be excluded. 
It is not easy to see just what it could be. It might have been possible to 
get some clew by analyzing the gas at the end of the induction period, and 
also by interrupting the reaction by cooling and then seeing whether a 
second induction period occurred upon subsequent heating; such experi¬ 
ments were not made, however; the attempt to find acetaldehyde in the 
gas after passage through a tube at 444° C. was not successful. 

The constants k t are actually good first order constants; the values 
found at 24 mm. are slightly less than those at higher pressures, but the 
entire variation from 960 mm. to 24 is only about 18 per cent. The values 
found for k 2 are larger at lower pressures, apparently varying with some 
inverse power of the pressure; this power, however, is much less t-hau 
the first. Heckert and Mack see in this variation evidence that the nascent 
molecules of B are deactivated by collisions, but this interpretation can 
scarcely be accepted, for the reasons already given. It must be remem¬ 
bered that the determination of k 2 is not very accurate. 

The values found for k x may be represented by the equation 

h = 9.95 X 10 1 V 52M °/ E7 ' sec.- 1 

The falling off in rate which occurs in the later stages of the reaction 
does not appear to have been closely studied; instead, the effects pro¬ 
duced by a number of inert gases, including the reaction products, have 
been investigated. At 394.3° C., with about 300 mm. of ethylene oxide, 
the value of 16.67k x is 4.73 sec. -1 ; with 300 mm. of ethylene oxide plus 
700 mm. of various inert gases, the following values are found: A, 4.49 
sec.- 1 ; Ne, 4.49; CO, 4.30; N„ 4.30; CO, 2 , 4.22; He, 4.18; CH 4 , 4.07; 
GHo, 3.48; C 3 H 8 , 3.37; (CH 8 ) 8 CH, 2.83. The results here are quite 
regular, the greatest decreases being found with the most complex mole¬ 
cules. The results for k 2 are considerably more erratic; with no inert gas 
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the value of I6.67k 2 is 654 seer 1 ; with added gas: A, 544; (CH 3 ) 3 CH, 
430; Ne, 416; C'O, 396; N„ 388; He, 366; C0 2 , 358; CH 4 , 342; C 3 H 8 , 
264; C 2 H q , 237. In addition it was found that methyl bromide, ^-butane 
and isopentane “cracked” faster in the presence of ethylene oxide than in 
its absence. The effect of hydrogen was different from that of any other 
gas; both k ± and k 2 were increased. 

The study of this reaction is being continued at lower pressures; it 
may be that under these conditions the results will be easier to interpret. 

11.6. The Oxidation o£ Hydrocarbons and Aldehydes.'—There is 
a great deal of experimental material dealing with the general problem of 
hydrocarbon oxidation. Most of it, however, is not very suitable for the 
purpose of reaction rate discussions. It will not be practicable to give any 
exhaustive treatment of the problem here, and only some of the more 
interesting results will be considered. 

Pease 108 has studied in some detail the oxidation of propane and the 
two butanes. We shall not reproduce his actual data, but give merely the 
conclusions which he draws; these conclusions are not necessarily correct 
in all their details, but it is rather unlikely that they are wrong in any 
essential feature. There appear to be three main types of reaction in¬ 
volved. Examples of these types are as follows : 

Reaction I. Unsaturates by Dissociation. 

QH 10 = C 4 H 8 + H 2 

Reaction II. Unsaturates by Oxidation. 

QHio = (C 4 H 8 -f- H 2 =) C 4 H 8 -|- H 2 0 

Reaction III. Aldehyde Reactions. 

QH 10 — C 2 H 5 CHO -f- CO -(“ 2H 2 0 
C 2 H 5 CHO = CHsCHO + CO + H 2 0 

The designations used are those of Pease. The dissociation of Type I 
and the parenthetical dissociation of Type II need not give hydrogen as 
the saturated product; methane or possibly a higher hydrocarbon may 
occur instead; the oxidized product is then an aldehyde. 

It is found that the oxidation is strongly inhibited when the reaction 
tube is packed with broken pyrex glass. This indicates that in the packed 
tube the walls are more important for deactivating excited molecules which 
would otherwise propagate a chain than they are for normal heterogeneous 
catalysis; when the glass is coated with potassium chloride, there is a still 

108 Pease, /. Am. Chem . Soc 51:1839 (1929). 
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further suppression of the reaction in the packed tube, while the results 
in the empty tube are but little affected. The fact that the rate in the 
empty tube is independent of the nature of the walls suggests that the 
effect of coating the packed tube is probably to inhibit a wall catalysis 
which has become important; this interpretation, however, is not definitely 
established, the alternative view that coating the walls increases their 
efficiency in producing deactivations remaining tenable. Most of the ex¬ 
periments were made in coated tubes. 

With the packed tube, it is found that reaction does not begin until 
temperatures at which the thermal decomposition of the hydrocarbon is 
taking place. The total amount of hydrocarbon reaction, however, is two 
to three times greater when oxygen is used than when this is replaced by 
nitrogen, and even the extent to which Reaction I, which apparently does 
not involve oxidation, takes place is greater during the oxidation than in 
the thermal decomposition; this effect may be in part due to the heat 
involved in the oxidation reactions, which raises the gas mixture to a 
temperature above that of the furnace; it is probably at least in part 
directly induced by excited molecules produced by the other reactions. 

Whereas the oxidation of propane in the packed tube began at about 
575° C. in the empty tube it starts at about 300° C. The most important 
reaction under these conditions is Type III, which occurred to but a slight 
extent in the packed tube. The results do not follow any very simple 
scheme. With 75 per cent propane the reaction begins abruptly between 
300° and 325° C. and runs directly to completion. At lower temperatures 
the aldehyde reaction is dominant, but as the temperature is raised to 600° 
Reaction I becomes more and more important until it finally accounts for 
two-thirds of the propane reacting; here again it is probably to be con¬ 
sidered that a large share of this dissociation is induced by the presence 
of excited products. With 50 per cent propane the reaction begins 
abruptly at about the same temperature as before and again runs to com¬ 
plete oxygen consumption; the aldehyde reaction is again the most impor¬ 
tant ; at about 425° the reaction quite abruptly becomes explosive. With 75 
per cent oxygen, 25 per cent propane the reaction begins abruptly at about 
350° C.; it then shows a negative temperature coefficient, but nevertheless 
becomes explosive at 450° C. When one-third of the oxygen in these mix¬ 
tures is replaced by inert diluents, the rate is more strongly suppressed, and 
the negative temperature coefficient becomes very much more pronounced; 
the inhibiting effect of these diluent gases increases in the order CH 4 , 
N„ C0 2 , H 2 ; with hydrogen the effect is so great that the reaction is 
stopped entirely at 425° C., although at 375° C. it was only slightly re¬ 
tarded. It is thus probable that the negative temperature coefficient 
observed with 25 per cent propane and 75 per cent oxygen is due to the 
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effect of oxygen in breaking the chains; why this effect should increase so 
much with temperature is not clear. 

These results suggest that the aldehyde reactions involve a chain, and 
that the excited molecules involved are capable of inducing reaction of 
Types I and II. 

With the butanes quite similar results are obtained. The chief differ¬ 
ence is that the reaction occurs somewhat more readily, the reaction in 
the packed tube beginning at about 400° for n-butane and 450° C. for 
wobutane. In both cases the aldehyde reaction occurs to a much greater 
extent than with propane. 

The general results of this work are confirmed and extended by that 
of Pope, Dykstra and Edgar. 109 These authors worked with n-octane 
and five of its isomers; the experiments were made with air instead of 
oxygen, and the amount of oxygen used was approximately that required 
for complete combustion; octane thus composed less than 2 per cent of 
the original mixture. Some experiments were also made with lieptaldehyde 
and butyraldehyde. A comparison of the results indicated that below 
650° C. the oxidation course of n-octane may be represented essentially by 

C s H 18 + 0 2 = C 7 H 15 CHO + h 2 o 
C 7 H 1b CHO + 0 2 = C 6 H 13 CHO + CO + H 2 0 

together with some side reaction 


C 7 H 1B CHO + 1.5 0 2 = C 6 H 18 CHO + CO* + H 2 0 


The lower aldehydes are then further oxidized by the same mechanism. 
The general behavior of the reaction suggests that the side reaction form¬ 
ing carbon dioxide is a normal type of gas reaction, while the carbon 
monoxide reaction, the aldehyde reaction of Pease, is of chain character; 
evidence for this is the abrupt incidence at 270° C. of both carbon mon¬ 
oxide formation and luminescence; carbon dioxide formation had begun 
at 200° and it showed no break at 270°; also the carbon monoxide re¬ 
action was suppressed by packing the reaction tube, while the carbon 
dioxide reaction was unaffected. The concentration conditions in these 
experiments are rather unfavorable to chain propagation, if the results of 
Pease with lower hydrocarbons are a criterion; but since these results 
showed also that the chain was more difficultly suppressed with higher 
hydrocarbons, the two investigations are consistent. The formation of 
unsaturates is apparently of slight importance with octane. At quite high 
temperatures, 660° C. for n-octane, the reaction goes almost explosively 
to complete combustion, and the pale white luminescence is replaced by a 

109 Pope, Dykstra and Edgar, /. Am. Chem. Soc ., 51:1875, 2203, 2213 (1929). 
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somewhat brighter blue. The furnace temperature rises rapidly under 
these conditions, and it was not possible to make any detailed study. 

The isomeric octanes used were 3-methylheptane, 3-ethylhexane, 
2-methyl-3-ethylpentane, 2,5-dimethylhexane, and 2,2,4-trimethylpentane! 
The mechanism appears to be similar to that for the oxidation of w-octane; 
it is clear that the point of initial aldehyde formation is at the CH S group 
on the end of the longest available straight chain, and that the aldehyde 
reactions stop when the first branch is reached. Thus with 2,5-dimethyl¬ 
hexane the extent of oxidation does not increase beyond one mole of 
carbon oxides until the high temperature region of complete oxidation is 
reached; likewise with 2-methyl-3-ethylpentane the reaction stops after 
the formation of two moles of carbon oxides, with 3-ethylhexane after 
three moles have been formed; incomplete experiments with 3-methyl- 
heptane showed that more than three moles of carbon oxides are formed 
in the low temperature region; for these four octanes the longest open-end 
unbranched chains contain one, two, three and four carbon atoms, respec-. 
tively. The case of 2,2,4-trimethylpentane is apparently somewhat special, 
since no reaction occurs at all until 500° G, where complete oxidation sets 
in; Pope, Dykstra and Edgar conclude that the highly condensed structure 
of this substance renders it resistant to oxidation, even though it does 
contain open-end chains of one carbon atom. It is apparently the case 
that the ketones formed by oxidation of the unbranched chain attacked 
initially are resistant to oxidation not only at the ketone group but also 
at the open ends of other carbon chains. It would be interesting to test 
this point directly. 

Taking the results of these two investigations together it is clear that 
the general nature of hydrocarbon oxidation involves aldehyde forma¬ 
tion followed by a chain oxidation of the aldehyde, one carbon atom 
at a time; the chain may be suppressed by dilution with inert gases, in¬ 
cluding excess oxygen, or by increasing the surface-volume ratio of the 
containing vessel; under favorable conditions the excited molecules which 
carry the chain may crack a considerable amount of the original hydro¬ 
carbon, forming unsaturated substances. 

A somewhat more detailed insight into the actual chain mechanism may 
be obtained from the work of Askey. 110 In this work the oxidation of 
benzaldehyde and of formaldehyde was studied; in contrast to the work 
previously described, a static method was used, and the duration of the 
reaction was much greater; it was thus possible to maintain isothermal 
conditions. When benzaldehyde was used, with excess oxygen, the course 
of the oxidation could be at least roughly represented by 

2C 6 H 6 CHO + 0 2 = 2C 6 H 5 COOH 

no Askey, /. Am. Chew. Soc 52:974 (1930). 
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and the pressure decrease was thus half the initial benzaldehyde pressure; 
when, however, the oxygen was less than about twice that required 
stoichiometrically, the total pressure decrease was less than the foregoing 
equation would indicate; a rather crude analysis of the reaction products 
seemed to show that the excess pressure was due to the presence of carbon 
dioxide, which did not occur with excess oxygen. The source of this 
carbon dioxide is not known. The rate of the reaction, as measured by 
the time required to reach any given fraction of the final pressure decrease 
is considerably reduced by excess oxygen; the results do not establish 
any dependence of rate on the benzaldehyde pressure. In a bulb packed 
with coarse quartz grains the reaction is about 100 times slower; the chains 
are thus quite long; even in the packed bulb the reaction can be further 
retarded by the use of quite high oxygen pressures, so that the chains 
have not been entirely suppressed by packing. It is probable that the chain 
depends primarily upon the reaction 

C 6 H 6 CHO + O, = C 6 H 5 COOOH 

as is the case when the oxidation is carried out in the liquid phase. 

With formaldehyde, somewhat similar results were obtained. In par¬ 
ticular, the oxidation is retarded by excess oxygen and more strongly in 
a packed bulb. The general character of the chain is thus evidently of a 
similar type to that found with more complex aldehydes. 

The course of the oxidation of ethylene was long ago worked out by 
Bone and Wheeler, 111 who found that the following steps were involved: 

CH 2 CHOH CHOH 

|| || ■-* | -h»HCHO ~»HCOOH ^H 2 CO s 

CH 2 CH 2 CHOH III 

CO + H, CO + H*0 CO* ■+ H s O 

The kinetics of the oxidation have recently been studied by Thompson 
and Hinshelwood. 112 They worked at temperatures of 400°~500° C., 
using vessels of quartz or porcelain. With ratios of ethylene to oxygen 
of 1:1, 1:2 and 1: 3 it was found that the main reaction was 

C 2 H 4 + 20a = 2CO + 2H 2 0 

With all of these compositions the final pressure increase was about 58 
per cent that represented by the above reaction, and it was shown by 
analysis of interrupted experiments that the pressure increase was a 
roughly correct measure of the amount of ethylene which had been oxi¬ 
dized; for other concentrations, this was no longer true. 

111 Bone and Wheeler, J. Chem. Soc., 85:1637 (1904). 

112 Thompson and Hinshelwood, Proc . Roy. Soc., 125A:2 77 (1929). 
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Within the stated concentration limits, at total pressures of around 
400 mm., the order of the reaction, as judged by the time of half change, 
is about three with respect to ethylene and zero with respect to oxygen. 
These figures are only approximate, and of course the concept of order 
does not have any precise meaning for reactions of this type. The strong 
dependence on the pressure of ethylene, combined with the slight effect of 
the oxygen pressure suggest that there are reaction chains, which can be 
broken by undesirable collisions with oxygen. Thompson and Hinshel- 
wood suggest as a possible mechanism the primary formation of an un¬ 
stable peroxide, C 2 H 4 O 2 , which can either react with further ethylene, 
sharing the oxygen and giving two molecules of CH 2 CHOH which 
continue the chain, or with further oxygen, giving more highly oxidized 
products which are ineffective in propagating the chain. 

The reaction is suppressed somewhat by added surface; it is difficult 
to decide the true extent of this suppression, since a side reaction yielding 
carbon dioxide is accelerated in the packed bulb. The effect of inert gases 
is slight and somewhat erratic, from which Thompson and Hinshelwood 
conclude that the chains are relatively short. This conclusion is perhaps 
unjustified, since in the hydrocarbon oxidations of the preceding section 
the reaction was retarded by inert gases even in packed bulbs. Additional 
evidence in favor of short chains is furnished by some calculations Thomp¬ 
son and Hinshelwood make of the probable rate of the primary reaction, 
and by the work of Spence and Taylor , 113 who initiated the reaction by 
the use of small amounts of ozone at temperatures below those used by 
Thompson and Hinshelwood; they obtained ratios of the extra oxygen 
used due to the ozone to the oxygen supplied as ozone varying from about 
seven at 260° C. to about two at 430° C.; the decrease is probably due to 
the greater loss of ozone by thermal decomposition at the higher tempera¬ 
ture; the existence of chains is quite directly demonstrated by these ex¬ 
periments. 

The most recent study of this reaction is that made by Lenher, 113a 
using a flow system. He finds that ethylene oxide is an important product, 
since ten to twenty per cent of the ethylene disappearing could be recovered 
in that form; the ethylene oxide was shown to be at least moderately stable ■ 
under the conditions used, though of course it remains possible that it is 
formed as a “hot molecule” which reacts rapidly as long as it retains its 
extra energy. Evidence for the occurrence of hydrogen peroxide was 
obtained also, and it was shown that formaldehyde and hydrogen peroxide 
reacted in the ice traps to give a compound, CH 2 OHOOCH 2 OH, which 
decomposed slowly to yield hydrogen and formic acid. It is not dear 
whether Lenher considers all the formic acid to be formed in this way; 

118 Spence and Taylor, /. Ain. Chew. Soc., 52: 2399 (1930). 

iiaa LenherT Ail. Chew. Soc., 53:3728, 3737 (1931). 
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since yields of formic acid up to 25 per cent of the ethylene reacting were 
obtained, this would appear improbable. In large empty vessels of various 
materials both the total ethylene oxidized and the composition of the 
products showed large variations. In pyrex, 10.2 per cent of the ethylene 
was recovered as formaldehyde, 13.7 per cent as ethylene oxide, 24.8 per 
cent as formic acid, the rest as carbon oxides; in fused silica, with nearly 
the same total rate, 27.1 per cent was recovered as formaldehyde, 11.7 
per cent as ethylene oxide, 4.3 per cent as formic acid, the rest as carbon 
oxides. In vessels packed with pyrex, the reaction is apparently sup¬ 
pressed rather more than Hinshelwood found using quartz packing, but 
no exact comparison is possible. Above 450° C., propylene, and in smaller 
quantities butylene, are important products. 

None of these investigations has been at all exhaustive. Taken to¬ 
gether, however, they show what is the general mechanism of the oxida¬ 
tion of hydrocarbons and aldehydes. In its main features, at least, this 
mechanism appears to be independent of the exact chemical nature of the 
materials involved. It would, of course, be interesting to make more 
detailed study of the kinetics in some of the simpler cases. 

11.7 Polymerization Reactions.—This is an almost virgin field. 
For our purposes the most important results are those of Pease on acety¬ 
lene 114 and ethylene. 115 The polymerization of acetylene was studied 
between 450° C. and 650°. There is a wide variety of gaseous and 
liquid products formed; the rate of disappearance of acetylene is more or 
less that given by a second order equation. The temperature coefficient 
corresponds to an energy of activation of about 50,000 cal. for the lower 
temperatures and somewhat less for higher ones. No particular signifi¬ 
cance is to be attached to this value, however, since the reaction rate is 
decreased in a packed tube, and the reaction is thus evidently of a chain 
character. With ethylene the results are somewhat simpler chemically,, 
the chief product at the lower temperatures being a butylene. There is 
some evidence that, at least in part, the reaction is a bimolecular associa¬ 
tion of the kind discussed in Section 3.3. 115a 

11.8. The Decomposition of Acetaldehyde.—The decomposition 
of acetaldehyde was first studied kinetically by Hinshelwood and Hutchi- 
son. 11€ They worked only in a rather narrow pressure range, and their 
results appeared to indicate a second order reaction; there was evidently 
some disturbance which became of increasing importance at low pressures; 

114 Pease, J. Am. Chem. Soc., 51:3470 (1929). 

us Pease, /. Am. Chem. Soc., 52:1158 (1930); 53:613 (1931). 

ii«a Kassel, /. Am. Chem. Soc., 53 : 2143 (1931). 

U1 Hinshelwood and Hutchison, Proc. Roy. Soc., 111A:380 (1926). 
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it was shown by the present author 117 that the results of this work could 
be quite accurately represented by the assumption of parallel independent 
first and second order decompositions, and a theoretical interpretation of 
such behavior was suggested. More extended study of the region, over 
the wide range of pressure, 1 to 1000 mm., showed 118 that the rate'could 
not be represented in the way proposed; instead it was found that, within 
the experimental accuracy, second order constants were obtained at all 
pressures; these constants, however, were not independent of the initial 
pressure, but inversely proportional to its cube root; in other words, the 
dependence of the rate upon the initial pressure was that of a five-thirds 
order reaction. The results of Hinshelwood and Hutchison are in entire 
accord with this interpretation; the pressure range covered is not suffi¬ 
cient, however, for the kinetic behavior to be unambiguously determined, 
as can be done from the later work. No mechanism for this reaction has 
been proposed; the chief reason for this is that the reaction runs smoothly 
to give methane and carbon monoxide, which renders improbable any 
mechanism involving radicals such as CH 3 , HCO or OH; without the 
introduction of such intermediates, it does not appear possible to obtain 
a five-thirds power. 

The behavior of acetaldehyde is particularly interesting when con¬ 
sidered in connection with that of propionic aldehyde (Section 10.81) 
which is unimolecular. Acetaldehyde is sufficiently complex to support a 
unimolecular reaction and the different behavior of acetaldehyde is thus 
presumably due to some type of reaction which overwhelms the slower 
unimolecular decomposition. 

117 Kassel, J. Am. Chem. Soc., 50:1344 (1928). 

118 Kassel, /. Phys. Chem., 34:1166 (1930). 



Chapter XII 

Complex Reactions. Part II—Branching Chains 

12.1. Introduction. —In this final chapter, we are concerned with 
material of a somewhat different nature. The reactions which are to be 
treated are characterized by critical limits of concentration or tempera¬ 
ture within which very rapid change takes place, and beyond which the 
change is usually quite negligible. The data at our disposal are not reac¬ 
tion rates, but these critical limits. The theory of these reactions is due 
mainly to Semenoff 1 and to Hinshelwood. 2 * * It is fundamental to this 
theory that the reactions are chain reactions, and that these chains can 
branch; the rate of spontaneous initiation of chains then becomes of 
secondary importance, and we are concerned with the relative rates of 
branching and of destruction of the chains; when the former can become 
and remain greater, the reaction rate increases beyond bound, or, in the 
actual experimental case, up to the limit permitted by the supply of avail¬ 
able reactants. The theory is best understood by the consideration of 
various examples; it must be constantly remembered, however, that the 
precise mechanisms are far more uncertain in these cases than in the 
reactions we have previously considered. In most cases these mechanisms 
will be given in a purely formal way, without exact chemical equations, 
which could be obtained at the present time only by purely imaginative 
processes. 

12.2. The Oxidation of Phosphorus Vapor. —The slow oxidation 
of phosphorus is one of the most interesting examples of this type of 
reaction. It has long been known that solid phosphorus was gradually 
oxidized by pure oxygen under suitable conditions, the reaction being 
accompanied by chemiluminescence. This reaction has been studied by 
a number of workers. We shall consider only the experiments which 
have been made in SemenofFs laboratory during the last few years, since 
they are sufficient to give a clear picture of the general phenomenon. The 
first of these experiments were made by Chariton and Walta; 5 this work 

1 Semenoff, Z, Physik ., 46:109 (1927); 48:571 (1928); Z . physik. Chew., 28: 
161 (1929). 

2 Hinshelwood, Proc . Roy. Soc., 119A:591 (1928); 122A:610 (1929). 

8 Chariton and Walta, Z. Physik , 39: 547 (1926). 
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established the existence of a lower critical pressure of oxygen below 
which the reaction did not occur at all, and above which it took place as 
rapidly as the phosphorus could vaporize; it was found also that this 
critical pressure was lower the higher the pressure of phosphorus. These 
experiments were extended by Semenoff; 4 the dependence of the lower 
critical pressure upon the phosphorus pressure, the vessel size, and the 
temperature are considered; Semenoff himself, working with cylindrical 
vessels obtained critical pressures inversely proportional to the three- 



Figure 24. 

Critical pressures for the oxidation of phosphoms vapor. The points are based 
on Kowalsky’s experiments, while the curve is calculated from the theory given. The 
°otos for the highest and lowest pressures of oxygen are fitted to straight lines of 
slope 1 and —1, respectively, as the theory requires, and from the intercepts of these 
lines the constants needed to calculate the curve in the transition region can be 
computed. 


halves power of the linear dimensions, but some experiments made by 
Schalnikoff are quoted in which the inverse second power was found; 
the critical pressure was found to be independent of temperature; the 
experimental results suggested inverse proportionality to the square roo 
of the phosphorus pressure, but the range investigated was not very wide. 
A theory for the results was given. This work has been extended y 
Kowalsky; B the lower critical pressure was studied down to phosphorus 

* Semenoff 2 Physik, 46:109 (1927). This is in part a reply to criticisms of 
the preceding’ work which had been published by Bodenstem, Z. Physik, 41.548 

^^Kowalsky, Z. physik. Chem., 4B: 288 (1929). 
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pressures at which no reaction is possible; it was found that the limit 
is inversely proportional to the phosphorus pressure, not the square root, 
as Semenoff had reported. It was further found that there was a critical 
upper pressure of oxygen, beyond which reaction did not occur. This 
upper limit was shown to be independent of the temperature and propor¬ 
tional to the pressure of phosphorus. The two critical limits thus become 
closer together as the phosphorus pressure is lowered, and coalesce at the 
critical phosphorus pressure below which reaction ceases for all oxygen 
pressures; the experimental data are reproduced in Figure 24. 

The possible mechanism which will be discussed here is essentially 
that given by Kowalsky. The chain is supposed to be propagated by 
alternate reactions of the carrier with oxygen and with phosphorus mole¬ 
cules; it is further supposed that the carrier which reacts with phos¬ 
phorus can be destroyed either by collisions with oxygen or else by col¬ 
lisions with some impurity introduced with the oxygen. The chains are 
also destroyed by collision with the walls. The chance of branching 
during any cycle is supposed independent of other conditions, and the 
rate of branching is thus proportional to the number of chains in progress 
and to the rate of propagation of the chains. It will be sufficiently accu¬ 
rate to consider all molecular diameters and masses the same for the 
purpose of calculating numbers of collisions. The mean time required 
for the chain carrier to collide with an oxygen molecule will be propor¬ 
tional to l/( 0 2 ) and the mean time required to collide with a phosphorus 
molecule 1/(P 4 ); hence the mean time for a cycle will be proportional to 
l/(0 2 ) + 1/(P 4 ) — [(0 2 ) + (P*)]/(O a ) (P 4 ). The rate of branching, 
which is the rate at which new chains are started, will be inversely propor¬ 
tional to this and may be taken as 


k x N 


(00 (Pj) 

(o 2 ) + (po 


where N is the number of chains in progress, 
chains by diffusion to the walls will be 


( 1 ) 


The rate of destruction of 


(k z N/d 2 ) 


1 

(Q.) + (PO 


( 2 ) 


where d is a linear dimension of the vessel; if there are other gases present 
they will occur in the denominator also. The rate of loss of chains by 
collision with oxygen or the effective impurity will be put as 


WOO (3) 

This involves the assumption that the fraction of the time the chain spends 
in a form which can be destroyed in this way is independent of the con¬ 
centrations ; we may note that since under all circumstances for which we 



COMPLEX REACTIONS 


297 


have data the pressure of oxygen is much greater than that of phosphorus, 
the chain is almost always in the form which reacts with phosphorus 
(unless the specific reaction rates for the two cases are very different) and 
hence if it is this form alone which can be destroyed the same eq uati on 
should hold. The condition that the number of chains should increase 
indefinitely is now seen to be 

MP*) - (k 2 /d>) ^ - k 3 (0 2 ) £ 0 (4) 

where we have neglected (P 4 ) compared to (0 2 ). The accurate solutions 
of this inequality lie within the limits 


which may, when (P 4 ) and d are large enough, be written 


feiCP*) 

2k a 




h 1 

<Pk-L (P 4 ) 


*( 0 .) 



( 6 ) 


These results thus correspond to the upper and lower limits of pressure 
found experimentally; when the exact form of the results is used, the 
entire reaction region, including the merging of the high and low critical 
pressures is obtained. The experimental values of the constants may be 
found from the straight line portions of Figure 24 and the theoretical curve 
then drawn; the results in the transition region are in fair agreement with 
experiment. 

This theory thus predicts that the limiting phosphorus pressure, below 
which the reaction ceases for all oxygen pressures, shall be inversely pro¬ 
portional to the linear dimensions of the vessel; this prediction has not 
been tested. 


12.3. The Oxidation of Phosphine. —It has been known for more 
than a hundred years that mixtures of phosphine and oxygen exhibit an 
upper critical pressure; the lower critical pressure has recently been ob¬ 
served; the relations are somewhat simpler for the lower limit and will 
therefore be considered first. 


12.31. The Lower Critical Pressure. — This phenomenon has been 
studied by Dalton and Hinshelwood; 6 the results obtained are dependent 
upon the size of the reaction vessel, and also very considerably upon the 
nature of the surface. It was found convenient to work with tubes coated 
with very strong phosphoric acid; this kept the humidity constant and also 

6 Dalton and Hinshelwood, Proc. Roy. Soc 125A:294 (1930). 
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dissolved the reaction products, and kept the nature of the surface constant 
throughout a series of experiments. 

It is found that the pressures of the two gases at the moment of ex¬ 
plosion are related to the tube diameter by the simple expression 

po z ppjs a ~ ^ 


When the pressures are measured in mm. and the diameter in cm., the 
value of C is about 2.10, at room temperature. This relation does not 
hold accurately when either gas is in very great excess. At ratios ppj /> PHa 
of 15 to 20 a critical limit is apparently reached for which explosions do 
no occur at any compression. At high values of the ratio p 0 J /> P h 3 the ex¬ 
plosions become very weak, and were not observed for ratios greater than 
17, but no limit seemed to exist. 

A simple theory of this process may be given as follows: Suppose 
that in some way an active substance Xo is formed, which reacts with 
phosphine to give among other products an active X P , which reacts with 
oxygen to regenerate X 0 ; the exact nature of these intermediates need not 
be specified. It must be supposed further that these chains have a chance 
of branching; let the average increase in the number of chains during 
each cycle X 0 to X 0 be a. The rate of production of new chains by spon¬ 
taneous reaction may be taken simply as F; the rate of propagation of the 
existing chains will be 


h N 


(0 2 )(PH s ) 
(00 + (PH.) 


( 8 ) 


where N is the number of chains; the rate of production of new chains 
by branching will then be 


ak t N 


(0 2 )(PH,) 
(Q0 + (PH.) 


(9) 


if the only method of destruction considered is diffusion to the walls, the 
rate of loss may be taken as 


k 2 N 1 
d 2 (0 2 ) + (PH 3 ) 


( 10 ) 


where d is a linear dimension of the tube. The rate of increase in the 
number of chains will then be 


F + ak ± N- 


(0 2 )(PH.) hN 


(00 + (PHa) 

which will remain positive for all N if 

(00 (PH.) ^ 


d 2 (0 2 ) + (PH 8 ) 


ko 


( 11 ) 


akrd 2 


( 12 ) 



COMPLEX REACTIONS 


299 


This then is the condition for explosion; it is clear that if account were 
taken of other ways in which chains could be broken, deviations from this 
simple result could be obtained; although such deviations actually exist, 
they are not important enough at low pressures to be worth considering. 
If there are inert gases present, the theoretical expression must be modified 
to take account of the decreased ease of diffusion; it is easily seen that to 
a first approximation the complete relation is 

m)(PH,){i+ W+W }agi- (I3) 

A more accurate expression would take into account the specific diffusion 
constants for each different gas; even when this is done it is found that 
the inert gas effect should follow the simple relation 

(0 2 ) a -f y(0*) (M) § constant (14) 

for mixtures with a constant ratio P 0 JPt?ii z - When this expression is 
applied to series of experiments made with increasing amounts of argon, 
it is found that smaller values of y are found at the higher concentra¬ 
tions ; this suggests that the argon is able to break the chains also; this 
effect becomes of increasing importance, of course, at the higher pres¬ 
sures, where diffusion is slowest. The values found for y, which is a 
measure of the relative efficiency of the inert gas and of the reactant gases 
in preventing diffusion, range from about 0.9 down to 0.2. When nitrogen 
is used as the inert gas, the values of y are more nearly constant, but 
never exceed 0.3. The results are not sufficiently reproducible to draw 
any definite conclusions, but it is fairly clear that some chains are being 
broken in the gas phase. 


12.32. The Upper Critical Pressure.—This phenomenon was first 
noticed by Labillardiere. 7 It was studied by van’t Hoff 8 and by van de 
Stadt; 9 more recently it has been thoroughly investigated by Trautz and 
Gabler 10 and by Dalton. 11 We shall consider the latter work first. The 
experiments were made by freezing out the phosphine in the reaction 
chamber with liquid air, then admitting oxygen to above the critical pres¬ 
sure, permitting the phosphine to vaporize, and finally expanding until 
a flash indicated explosion. It was found that the results were rather 
insensitive to the size and material of the vessel used, indicating that the 
chains are being destroyed by a process taking place in the body of the 
gas. For temperatures between 15° and 20° C. the results are independent 


7 Labillardiere, Ann. chim. phys., 6:304 .(1817). 
s van’t Hoff, “Etudes de dynamique chimique, 1884, p. 60. 
9 van de Stadt, Z. physik. Chem.,12: 322 (1893). 
w> Trautz and Gabler, l. anorg. Chem., 180 (321 (1929). 
11 Dalton, Proc. Roy. Soc., 128A:263 (1930). 
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of temperature also, but at slightly higher temperatures the mixture be¬ 
comes very much more explosive. All of the following results were 
obtained at 15°~17°. There is, according to Dalton, an upper limit of 
oxygen pressure above which explosions do not occur with any amount 
of phosphine; under the experimental conditions used this limit appears 
to be about 110 mm.; thus for high pressures the critical mixture is one 
containing a large excess of phosphine; as the total pressure at the moment 
of explosion is lowered, the proportion of oxygen in the mixture increases, 
reaching SO per cent at about 75 mm. pressure of each gas; finally, with 
1.8 mm. of phosphine, 14.8 mm. of oxygen are required. 

In order to account for these results quantitatively, Dalton found it 
necessary to make a fairly special assumption about the method of destruc¬ 
tion of chains, namely that they were broken when the active form X 0 , 
which to continue the chain must collide with phosphine, collides instead 
with oxygen and some third molecule simultaneously. When this addi¬ 
tional method of loss of chains is taken into account it is found that the 
critical conditions are given by 


(PH.) > 


d 2 (O z y 


' ( O2 ) 


ak 1 

(07) 


>0 


(15) 


When (0 2 ) is small enough, the terms in k 3 and k 4 may be neglected, and 
we regain (12) in slightly altered form; when (0 2 ) is large enough, the 
term in k 2 may be neglected and we have 


(PH.) > 


£3 ( O2) 


aki 

(07) 


>0 


■k* 


(16) 


This gives satisfactory agreement with Dalton's observations, as can be 
seen from Figure 25; here are shown both upper and lower critical pres¬ 
sures ; all the results are for a tube of 1 cm. diameter. The heavy line 
in this figure is the theoretical curve as given by (15), using of course 
empirical values for the three disposable constants which it contains; 
the agreement is in general very good; in the transition region the fit is 
not perfect, but this is apparently due to the fact that the data plotted 
were obtained at different times and were not quite comparable; obviously, 
no smooth curve could fit all the points in this region. 

The values adopted for the constants are 


kz/aki = 7.3 X 10 4 cc./mole 
h/ak x = 1.55 X 10 5 cc./mole 
k 2 /ak ± = 7.4 X 10" 15 (mole/cc.) 2 
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If as is likely, the reactions corresponding to k u k z and k 4 take place at 
every collision, then all of these constants will have values of the order 
of magnitude of 10 14 ; if this is so, then the order of magnitude of a must 
be 10' 5 and that of k 2 about 10' 5 (mole/cc.) 2 . This is actually the right 
order of magnitude for k 2 if this constant is to correspond to a diffusion 



process; so far as «, the chance thatthe eh 

cyde, is concerned, we have no baasfor prf.ct.on, the ^ 

obtained shows that the ehatns m ^ * constants in- 
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limits, not only is there no rapid reaction, but even after several hours no 
change whatever is detectable. 

The results obtained by Trautz and Gabler do not permit of such a 
successful analysis. So far as can be seen the only important difference 
in the methods between this work and that of Dalton is that here moist 
gases were used while in Dalton’s work the partial pressure of water was 
that in equilibrium with concentrated phosphoric acid. Trautz and Gabler 
find that moist gases are less reactive than dry ones; in fact, they report 
that when the gases were too dry a mixture could not be effected without 
spontaneous ignition; this difficulty was avoided in Dalton’s work by 
mixing at liquid air temperature. The most baffling feature of Trautz 
and Gabler’s results is the Uberschreitungserscheinung. It was found that 
by rapid expansion the ignition pressure could be overstepped; then upon 
subsequent compression the mixture might ignite at the same pressure at 
which it should have before. In general, the greater the water vapor 
pressure, the more frequent the appearance of this Uberschreitungserschei- 
nung,, but in any individual case it seemed to depend merely upon chance. 
This phenomenon seems to be of an entirely different nature than can be 
accounted for on the basis of the mechanisms which have been given. It 
would be perfectly understandable that the mixture by rapid expansion 
might be carried past both upper and lower critical pressures for its con¬ 
centration, and might then ignite when recompressed to the lower critical 
pressure; but that it should exhibit the same critical pressure no matter 
from which side it is approached is very difficult to understand. As a 
matter of fact, the various conditions at which ignition occurred do not 
determine a line on a concentration diagram, as might be expected from 
the apparent existence of a single critical pressure; instead they are scat¬ 
tered throughout a rather large region; this scattering may well be due 
to imperfect reproducibility, but it makes the results still more difficult to 
understand. The problem is one whose solution must wait upon further 
experiments. 


12.4. The Reactions between Hydrogen and Oxygen. —It is but 

natural that the formation of water from its elements, formally one of 
the simplest reactions, should have been much studied. It is found that 
the kinetic relationships are extremely complex, and there still remain 
many uncertain features. 

12.41. The Elementary Reactions.—It will be useful to begin with 
a statement of what is known about the various possible elementary reac¬ 
tions; we may first calculate the heat effects of some of these; the calcu- 
based upon the now fairly reliable values of 101,000 cal. and 
117,000 for the heats of dissociation of hydrogen and oxygen, together 
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with the less certain, value 116,000 cal, for the dissociation heat of OH 
We thus obtain 


(1) 

o + h. 2 

(2) 

X + 0 + H, 

(3) 

0 + 2H 2 

(4) 

h + o 2 

(5) 

2H + O s 

(O 

oh + h 2 

(7) 

X + 20H 

(8) 

h 2 + H 2 0 2 

(9) 

H + 0 2 + H 2 

(10) 

H + 0 2 + H 2 


= OH + H+ 13,200 cal. 

== H 2 0 + X+ 116,200 cal. 

= H 2 0 4~ 2H -)- 13,400 cal. 

= OH + O — 1,000 cal. 

•— 20H -f- 115,000 cal. 

= H s O+H + 200 cal. 

= H 2 0.2 —(— X —|— 20,900 cal. 

= 2H 2 0 + 82,300 cal. 
m OH -)- H 2 0 4“ 115,200 cal. 

= OH + OH 4- H 4- 12,200 cal. 


It is known experimentally that the introduction of hydrogen atoms in 
hydrogen-oxygen mixtures leads at low temperatures to the production of 
hydrogen peroxide in quantities large enough to require short chains; at 
higher temperatures hydrogen atoms seem to result in explosions. Oxy¬ 
gen atoms give some ozone and some hydrogen peroxide; the reaction (1) 
is apparently slow for a reaction of its kind, taking place at only a small 
fraction ( ca . lO' 0 ) of all collisions. There is some evidence that (6) occurs 
at only about 10~ 10 of all collisions at room temperature. There is not very 
much direct evidence as to the behavior of the other reactions listed. 


12 . 42 . The Non-Explosive Gas Reaction. —It has been found by 
Gibson and Hinshelwood 12 that within certain fairly narrow limits of 
pressure and temperature the combination of hydrogen and oxygen is a 
predominantly gas phase reaction with a definite finite rate; this rate is 
reduced by increase of surface, showing that the reaction is of chain 
character; additional evidence for this belief is furnished by the remark¬ 
able dependence of the rate on temperature, pressure and foreign gases. 
Some of their results are shown in Table LII. 

It may be observed that at the lower temperatures and pressures the rate 
is increased by packing, which shows that the dominant reaction is hetero¬ 
geneous ; as the temperature is raised, the effect of packing changes from 
favorable to unfavorable; this change occurs at lower temperatures the 
higher the pressure; thus at 600 mm. total pressure we see that the gas 
reaction becomes dominant at 559° C. and leads to explosion at 576° C.; 

12 Gibson and Hinshelwood, Proc, Roy. Soc., 118A:170 (1928); 119A:591 
(1928). 
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Table LII. Half-period of equivalent hydrogen-oxygen mixtures. 


Temp. 





— Total pressure 

m mm. 


225 


°C. 


600 

525 

450 

412.5 

375 

337.5 

300 

187.5 

506 

u 

400' 










P 

60' 









529 

u 

126' 






460' 




p 

31' 






29'45" 



549 


38' 


75'40" 




250' 




P 

21' 10" 


23'30" 




19' 05" 



559 

u 

8' 15" 

15' 25" 

28'05" 


50' 30" 


73'30" 

160' 

11' 30" 



P 

12' 47" 

14' 48" 

14' 


15' 40" 


11' 25" 

11' 30" 

569 

u 

2' 07" 

4' 42" 

7' 18" 

10' 40" 

22' 30" 


39' 45" 

84' 20" 



p 

9' 06" 


10' 30" 




Iff 30" 

10' 20" 


576 

'll 

exp. 

exp. 

2' 38" 


6' 25" 

11'02" 

17' 




p 

7' 16" 

7' 10" 


7'45" 


9' 20" 

9' 15" 


582 

u 

exp. 

3' 58" 

exp. 

exp 

exp. 

exp. 

exp. 

exp. 

exp. 



p 

5' 22" 

5' 43" 


5' 14" 


5' 33" 

6' 54" 


590 

u 

exp. 

exp. 

2' 24" 

exp. 

3' 10" 


exp. 

4' 04" 


exp. 




p 

exp. 



4' 18" 




These experiments were made in a 200 cc. porcelain bulb; those marked u were 
in the empty bulb, those marked p in a bulb packed with broken up porcelain. The 
entry exp. means that the mixture has become explosive. 

while at 300 mm. total pressure the wall reaction remains dominant up 
to 576° C.; nevertheless, explosion occurs at 582° C. 

It is not possible to draw any detailed conclusions from this work, 
since the interference by the wall reaction remains important for all experi¬ 
ments in the non-explosive region. Some effects are so large, however, 
that they can be studied qualitatively without much difficulty; it is found 
that the gas reaction is about third order with respect to hydrogen and 
between first and second order with respect to oxygen; the rate is very 
greatly increased by the addition of inert gases, the order and approxi¬ 
mate measure of effectiveness being H 2 0, 5; A, 4; N 2 , 3; He, 1. In 
experiments made with excess oxygen, this excess may be replaced by 
nitrogen without much change in the rate. Hence, it may be concluded 
that if oxygen and hydrogen show also the normal inert gas effect, the 
order of the reaction corrected for this effect would be about two with 
respect to hydrogen, zero with respect to oxygen. The effect of inert 
gases is probably to prevent diffusion to the walls of some intermediate 
products, and it might be the case that the reactant gases did not have a 
normal inert gas effect; thus, Gibson and Hinshelwood propose as a tenta¬ 
tive mechanism 


( 1 ) 

( 2 ) 


2H 2 + 0 2 = H 2 0 + H 2 0* 

h 2 o* + o 2 = h 2 o + 0 2 * 
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(3) 2H 2 + 0 2 * = H,0 + H 2 0* 

(4) 2H 2 -f- 0 2 * = 2H 2 0 on wall 

(5) H, 2 0* = H 2 0 

This leads to the following rate 


d[H 2 Q] = Ws[H 2 p[Q 2 p 

dt k&kfi [H 12 ] -f* k&kft ~j~ & 2 & 4 [O 2 ] 

where the chains have been supposed long enough so that the water formed 
in (1) may be neglected; when k 5 is small enough this has the simpler form 

d[H 2 Q] _ ^ 8 [H 2 ] 3 [Q^] 
at k± 

This mechanism thus accounts for an order both high and variable; if 
hydrogen and oxygen had a normal inert gas effect, which would lead to 
decreased values of k 4 as the concentrations increased, the order would be 
too high; Gibson and Hinshelwood point out that for this mechanism such 
an effect might well be absent. The diffusion of 0 2 * to the walls is effec¬ 
tively prevented by hydrogen through (3) if this is a fast enough reaction, 
and no further effect would be possible; as regards oxygen, a somewhat 
smaller effect than normal would be possible, since oxygen molecules 
might be more transparent to the energy of excitation of other oxygen 
molecules than to the molecules themselves. The mechanism is never¬ 
theless somewhat ad hoc, including only the reactions needed to produce 
the desired result. It may be pointed out in passing that if (3) occasionally 
leads to two excited water molecules, we would have branching chains, 
and the occurrence of explosions would be qualitatively accounted for. 

12.43. The Explosive Reaction. —The explosive limits for hydrogen 
oxygen mixtures have been studied by Thompson and Hinshelwood 13 
and by Kopp, Kowalsky, Sagulin and Semenoff. 14 The results obtained 
are somewhat fragmentary, and it is not possible to give such clear dia¬ 
grams of the explosion region as for the oxidations of phosphorus and 
of phosphine. Thompson and Hinshelwood state that when oxygen is 
allowed to stream slowly into a bulb at 550° C. which contains hydrogen 
between pressures of 30 to 40 mm. and 84 mm., explosions are obtained, 
while when the hydrogen pressure is beyond these limits, they do not 
occur; these figures ought to represent the lower and upper limits of 
hydrogen partial pressure at this temperature; in like manner they find 
135 mm. for the upper limit of oxygen partial pressure. They then made 


IS 

14 


rhompson and Hinshelwood, Proc. Roy. Soc., 122A: 610 (1929). 

?Copp, Kowalsky, Sagulin and Semenoff, Z. physik. Chew., 6B: 307 (1931)). 
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a few measurements by slowly evacuating bulbs containing mixtures above 
the explosive limit, until explosion occurred; the results of this work show 
that for a given hydrogen pressure the upper limiting oxygen pressure is 
higher the lower the hydrogen pressure is; the data are not quantitatively 
in accord with the absolute limiting pressures found by the other method, 
and hence it is impossible to draw any definite conclusions. It is very 
important to note that though the upper explosion limits are very little 
affected by packing the bulb, the reaction which occurs at pressures above 
the explosion limits, at 555° C. is accelerated by packing. 

Kopp, Kowalsky, Sagulin and Semenoff studied chiefly the lower ex¬ 
plosion limit; it was found possible to do this by determining residual 
pressures in the same manner as in the earlier work on the oxidation of 
phosphorus. These residual pressures were not much dependent upon 
the relative concentration of the two gases; they could be represented 
approximately by the formula p = 6 X 10~V 4000/i?:r for the range from 
440° to 550° C. The residual pressures were not much affected by the 
size of the vessel or by the addition of argon up to 60 per cent of the 
total concentration. 

Thompson and Hinshelwood point out that there must be at least two 
kinds of chains to account for all of these results. If there were one kind 
only, it would be killed by the walls at low pressures and by some process 
in the gas at high pressures, leading to explosion in the intermediate 
region. But it is known from the earlier work of Gibson and Hinshelwood 
that at pressures above the upper explosion limit there is a gas reaction 
which is retarded by packing the bulb; the chains in this process must be 
different from those in the explosion region, since these chains are un¬ 
affected by the walls at pressures within the explosion limit; it appears 
possible from the work of Kopp, Kowalsky, Sagulin and Semenoff that 
even at the lower explosion limit the chains involved are destroyed less 
frequently by the walls than by some other process. Thompson and 
Hinshelwood give a mechanism for the explosion limits based on the 
maintenance of an equilibrium concentration of hydrogen peroxide, which 
is supposed to produce upper and lower critical limits in the same manner 
as nitrogen dioxide does; the action of this latter substance is considered 
in the following section. There does not seem to be any real evidence in 
favor of this mechanism. 

12.44, The Explosion Sensitized by Nitrogen Dioxide. —The very 
remarkable influence of traces of nitrogen dioxide on the explosion tem¬ 
perature of hydrogen-oxygen mixtures was first noticed by Dixon. It 
was then studied by Gibson and Hinshelwood 15 and more extensively 

15 Gibson and Hinshelwood, Trans, Faraday Soc 24 : 559 (1928). 
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by Thompson and Hinshelwood. 10 It is found that for a given tempera¬ 
ture and a given gas mixture which is non-explosive when pure, explosions 
can be obtained by the addition of quite small amounts of nitrogen di¬ 
oxide, and that when somewhat larger amounts are used, the explosions 
are again inhibited. Both lower and upper limits are quite sharp, and 
beyond these limits the reaction rate is very slow. The lower limit appears 
to be fairly insensitive to most influences; it is slightly raised by decrease 
in temperature or by increase in pressure, and is very little changed by 
adding excess nitrogen; the upper limit is lowered by decrease in tem¬ 
perature and by increase of pressure and also by the addition of nitrogen. 
The preceding statements all refer to equivalent mixtures; when the 
oxygen-hydrogen ratio is increased, the upper critical pressure of nitrogen 
dioxide is lowered. The actual magnitudes of the pressures involved range 
from limits of 0.053 mm. and >9.9 mm. at 410° C. and 150 mm. total 
pressure to 0.15 mm. and 0.39 mm. at 370° C. and 600 mm. total pressure. 

Kopp, Kowalsky, Sagulin and Semenoff have studied the residual 
pressures of hydrogen and oxygen with small amounts of nitrogen dioxide; 
they worked over a temperature range of about 340° to 560° C., with two 
different concentrations of the dioxide; it was found that the lower con¬ 
centration gave the lower residual pressure; this is quite in agreement 
with the results of Thompson and Hinshelwood; the actual pressures 


worked with, however, were much smaller. 

Various explanations of the effect of nitrogen dioxide on this reaction 
have been proposed, but none of them seems to be very satisfactory. 
Thompson and Hinshelwood start with a process involving NO,, produce 
a chain based on excited H a O„ and destroy the H 2 0 2 by collisions with 
N0 2 ; this gives an upper limit satisfactorily, but in order to obtain a 
lower limit more dubious assumptions are necessary; their first suggestion 
is that there is competition between hydrogen and nitrogen dioxide for 
the available wall surface, and that the surface covered with hydrogen is 
more effective in stopping chains; this would give a lower limit, if stable 
rates were assumed, but one that ought to depend more upon the addition 
of nitrogen than is actually the case; Hinshelwood and Thompson 
the second suggestion that the first traces of NO. are ^sorbed and hen^e 
ineffective; this cannot be accepted either, since the expenmental da 
require an actual lower limit; if there is appreciable A adsor P tl0 ^; . 
lower than the measured value, but it must be finite. A somewhat differe 
mechanism was proposed by Schumacher- He used collisions of tot 
molecules with NO, to obtain oxygen atoms, which then ^ould prop^ate 

a chain by some such mechanism as O-f H 2 - OH + H, O + * 

H 2 0 + O, 2H + 0 2 = 20H; the upper critical limit of NO, pressure 

io Thompson and Hinshelwood ^ 10B^7' (1930). 

Schumacher, Nature, 126:132 (1930); A phystls. v. 
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arises from the reaction O + N0 2 = NO + 0 2 ; Schumacher does not 
give a mechanism in any detail; it proves a simple matter to work out his 
suggestion so as to obtain the upper limit; the present writer, however, 
has been quite unable to find a mechanism of the type suggested which 
gives a lower limit for the N0 2 pressure and at the same time agrees even 
approximately with the experimental dependence of the limiting pressures 
upon the oxygen and hydrogen pressures. The Schumacher mechanism 
has been criticized also by Farkas and Harteck; 18 they consider, on the 
basis of evidence to be presented in the following section, that Schu¬ 
macher’s chain breaking reaction NQ 2 + O = NO + 0 >2 is so much faster 
than 0 + H 2 = OH -j- H that chains involving oxygen atoms are prac¬ 
tically impossible in the presence of N0' 2 ; the validity of this criticism 
depends entirely upon quantitative differences of a quite moderate magni¬ 
tude, but it does appear to be justified. Farkas and Harteck believe that 
the entire NO, 2 catalysis is a wall effect, and that for certain critical con¬ 
centrations of NO -2 in the gas the adsorbed layer is of a character which 
can emit large numbers of chains into the gas phase; even granting that 
this view is correct, however, it raises as many questions as it answers. 

12.45. The Explosion Sensitized by Atoms. —Farkas, Haber and 
Harteck 19 have succeeded in obtaining explosions at pressures greater 
than 300 mm. and temperatures greater than 415° C. by the photochemical 
production of hydrogen or oxygen atoms. The hydrogen atoms were ob¬ 
tained from ammonia, the oxygen from nitrous oxide. At lower tempera¬ 
tures, water is formed by a chain reaction, but no explosion occurs; the 
chain length, starting from hydrogen atoms, is approximately 380 at 
405° C., 25 at 290° C. As a possible mechanism, these authors suggest 
the scheme of Bonhoeffer and Haber: 20 (5) followed by (6); as a pos¬ 
sible alternative to (5), they propose either (9) or (10). The reaction 
(10) represents a branching of the chains, and thus may account for the 
explosions, though it is quite possible that these are of pure thermal origin. 
Similar results were found with oxygen atoms; in this case chains might 
start by either (1) or (3) and be propagated by the same mechanism as 
before. The attempt to use nitrogen dioxide as a source of oxygen atoms 
failed, presumably because in this case both (1) and (3) were slow com¬ 
pared to 0 + N0 2 = NO + O a . 

12.46. The Origin of the Chains.— The experiments of Hinshelwood 
and his coworkers showing that the explosion could be prevented in packed 
bulbs were originally interpreted to mean that the wall played no part in 

18 Farkas and Harteck, Nature, 126:351 (1930). 

19 Farkas, Haber and Harteck, Z. Elektrochem 36: 711 (1930) 

29 Bonhoeffer and Haber, Z. physik. Chem. } 137:337 (1928). 
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the reaction except to interrupt the chains. This was logically incorrect, 
as has been strikingly demonstrated by the experiments of Alyea and 
Haber, 21 and the subsequent more detailed analysis of them by Alyea. 23 
These experiments were a continuation of those of Goldmann 23 on crossed 
streams of hydrogen and oxygen. Alyea worked at reduced pressure, and 
made the striking discovery that when the conditions were such as to 
produce at the point of crossing a gas mixture whose pressure, tempera¬ 
ture and composition lay within the explosion region of Thompson and 
Hinshelwood, no explosion occurred; when a rod of quartz, glass, porce¬ 
lain, copper or iron was brought into this region, however, inflammation 
occurred at once; a rod of aluminum proved inert. At sufficiently high 
temperatures, explosion takes place in the absence of surface, but there is 
no doubt that near the boundaries of the explosion region, the chains 
start on the walls. The question then arises whether the high pressure 
boundary of the explosion region is due to one of the conventional causes, 
or whether it may not represent the passage of the adsorbed layer to a 
condition such that it no longer projects chains into the gas. Alyea 24 has 
presented the case for the latter view. He has shown that the tem¬ 
perature at which the “activated adsorption” 25 of hydrogen begins to take 
place rapidly is about 500° C., agreeing approximately with the lowest 
temperature for which explosions occur. At this temperature, there is 
not much adsorption until the hydrogen partial pressure reaches 50 mm., 
and a very great adsorption for higher pressures; thus it is reasonable to 
consider that the surface is covered with hydrogen when the partial pres¬ 
sure exceeds 50 mm. Alyea postulates a surface which may be represented 
by Si—O—H, and which then projects hydrogen atoms into the gas phase 
by the reaction 

Ha + Si-O-H = H + Si(H 2 0) 


He shows that the data of Thompson and Hinshelwood on the upper ex¬ 
plosion limit at 500° C. with varying hydrogen-oxygen ratios indicate a 
partial pressure of hydrogen of about 50 mm. at the limit, independent 
of the oxygen pressure. At pressures immediately above the explosion 
limit, the reaction is accelerated by packing, while at still greater pressures 
it is retarded; this is the sort of thing which might be expected for a 
chain reaction starting from the surface and involving chains which can 
branch by a third order reaction such as (10). He now suggests for the 


2i Alyea and Haber, Z . physih Chem., , 10B: 193 (1930). 

?hy^k S ct^SB:316 (1929). The method was first used by 
" Buffalo meeting, America Chemical 

So,, 53:578 (1931). 
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explanation of the limit that when the partial pressure of hydrogen is 
lowered below 50 mm., a considerable amount of hydrogen is desorbed, 
leaving the surface bare and exposed to the attack of oxygen, which is now 
able to react with the hydrogen on the surface. 26 Alyea supposes that 
under these new conditions the surface can start chains much faster than 
before. This in itself would not result in explosion, since the rate of 
starting chains makes no difference to the explosion limit. Alyea has not 
developed this part of his theory very clearly, but there is a considerable 
number of possibilities; the increase in the rate of starting chains might 
raise the rate of the theoretically non-explosive reaction to such a point 
that the walls cannot conduct away the heat fast enough, and a thermal 
explosion would result; the chains might be of a different character, 
though this is unlikely; the only possibility would seem to be that oxygen 
atoms are liberated, which react not merely by (1) and (3) but also by 

(11) O 4~ H 2 4“ O 2 — 20H 4" O 

There is plenty of evidence that this reaction is not rapid at room tem¬ 
perature, and it is doubtful whether it could be fast enough to compete 
with (1) and (3); the work of Farkas, Haber and Harteck indicates that 
hydrogen and oxygen atoms do not behave very differently in initiating 
the explosion at 400° C., and this also makes (11) unlikely. A third 
possible explanation would be that the efficiency of the surface in break¬ 
ing chains is decreased by the destruction of the hydrogen layer; since 
very drastic changes in chain-breaking efficiency can be produced in other 
ways, this is not improbable. 

Another bit of evidence that the upper critical pressure in hydrogen- 
oxygen explosions is connected with the initiation of chains and not ex- 
clusively with their propagation, is furnished by the observation of Farkas, 
Haber and Harteck that when an exploded mixture was pumped out and 
another added within a minute or two, this second mixture would explode 
without further sensitization; thus the few chain carriers left lying around 
were able to produce explosions 180° C. below the normal ignition tem¬ 
perature; a similar phenomenon is observed in the oxidation of sulfur 
vapor. 

It can readily be seen that any attempt to give a detailed mechanism 
for this reaction would be premature; it can not be doubted, however, that 
Alyea’s ideas will play an important role not only here, but for many 
other explosions. 

20 C }. the experiments of Langmuir [/. Am. Chem. Soc. } 38: 2271 (1916)]. Hydro¬ 
gen and oxygen do not react on a tungsten surface at 1500° K.; the surface is cov¬ 
ered with oxygen, and tungstic oxide gradually distils of, just as it would in the 
absence of hydrogen; this continues until the oxygen is almost exhausted, and can 
no longer cover the surface; hydrogen then “makes a flank attack” and almost 
instantly cleans the surface of all the remaining oxygen. 
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12.5. The Oxidation of Carbon Disulfide.—This reaction has been 
studied by a number of workers, most recently by Thompson. 27 The 
results found with a mixture 30 2 : CS 2 are similar to those obtained by 
Hinshelwood and Thompson for 2H 2 : Oo. Below 140° C. in glass or 
quartz vessels a very slow wall reaction takes place. Above 140° C ex¬ 
plosions are obtained between two pressure limits. The explosion pressure 
at 140° C. is about 100 mm.; the lower limiting pressure is but slightly 
dependent upon the temperature, having decreased only to about 50 mm. 
at 200° C., while the upper pressure limit has risen to more than 500 mm. 
at this temperature and more than 900 mm. at 214° C. Ignition was not 
instantaneous, but followed after a time lag which was sometimes nearly 
three minutes; this lag was particularly great near the limiting pressures. 
No experiments on the influence of vessel size or of other mixture ratios 
than the stoichiometric one were made. Incidentally, it was found that 
the reaction did not go to completion, a polymer of CS being deposited 
on the walls; it was necessary to wash this material out after each explo¬ 
sion to obtain consistent results. 

Experiments were also made with crossed streams of the separately 
heated vapors, using a technique similar to that of Alyea and Haber. 28 
The experiments were made at atmospheric pressure; it was found that 
ignition in the gas phase never occurred below 250° C. and seldom below 
290° C., but that when a glass tube was brought into the junction of the 
two streams ignition was obtained at 160° C. It is, of course, difficult to 
make any precise interpretation of this type of experiment, since all pos¬ 
sible mixture ratios may be found somewhere in the junction of the 
streams. There is no doubt, however, that the chains which produce 
ignition in this case, just as in the low pressure explosion of hydrogen 
and oxygen, are produced on the walls and spread into the gas phase. 

12.6. It appears useless to discuss the many other explosions which 
have been studied; none of them, except the carbon monoxide-oxygen 
explosion which resembles the hydrogen-oxygen one in almost every 
respect, has been investigated in much detail; in none of them has the wall 
effect been studied except by the old methods of packed tubes; and in none 
of them is there much knowledge of the elementary reactions which might 
be involved* 

27 Thompson, Z. physik. Chem 10B; 273 (1930). 

28 Alyea and Haber, Z. physik , Chem v 10B; 193 (1930). 
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The Radiation Hypothesis 


At the present time the Radiation Hypothesis is not deserving of very 
much attention, and the purpose of this article is merely to present a brief 
historical review. The origin of this hypothesis is chiefly associated with 
Perrin, 1 Trautz 2 and W. C. M. Lewis. 3 The references given are to 
papers in which the hypothesis is presented with some definiteness; the 
original idea, in a vague form, may be traced back to at least 1913. The 
statement of the original, simple form of the Radiation Hypothesis is : 

Molecules must be put into an active state before they can react chemi¬ 
cally; in ordinary thermal reactions this activation is produced by the 
absorption of infra-red radiation emitted by the walls of the containing 
vessel; the frequency of the effective radiation may be calculated from 
the equation 

dlnk/dT^Nhv/RT 2 (1) 


where k is the thermal reaction rate constant, N is Avogadro’s Number, 
h Planck’s constant, and v the frequency desired. This amounts to the 
assumption that the energy of activation is absorbed as a single quantum. 
The Radiation Hypothesis is sometimes considered to include also the 
statement that when the reaction is reversed, the activating frequency is 
emitted. Although it was not intended to be restricted to them, the 
hypothesis was invented to account for first order reactions, since it was 
argued that the mechanism of these reactions could not involve collisions, 
or else the rate would not be independent of concentration. As early as 
1922, however, it was pointed out by Lindemann 4 that if there were a 
time-lag between collisional activation and reaction, then there would be 
a limit of concentration above which the reaction rate would be substan¬ 
tially independent of concentration. 

The evidence against the simple radiation hypothesis accumulated 
rapidly. Langmuir 6 showed that the density of infra-red radiation inside 
of a hohlraum was insufficient to account for observed rates; this conclu- 


1 Perrin, Ann. Phys., 11: 5 (1919). 

2 Trautz, Z. anorg. Ghent 102:81 (1918). 

3 W. C. M. Lewis, I. Chem. Soc 113:471 (1918). 

4 Lindemann, Trans . Faraday Soc., 17:598 (1922). 

5 Langmuir, 7, Am. Chem. Soc., 42:2190 (1920). 

3 J 3 
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sion was confirmed by later calculations due to Christiansen and Kramers, 8 
Lewis and Smith 7 and Tolman. 8 

A second difficulty met by the simple Radiation Hypothesis is that 
very frequently molecules do not have an absorption band at the place 
predicted. Thus Daniels and Johnston 9 found that nitrogen pentoxide 
was transparent at 1.16 fi, the wave length which the simple hypothesis 
predicts from the temperature coefficient of thermal reaction rate, by (1). 
A similar failure was observed in many other cases. 

There is also the more direct difficulty that radiation by very strong 
light of the calculated wave length produces no increase in rate. In fact, 
the entire infra-red spectrum is almost completely inert photochemically, 
and at least for the case of gases there is no evidence of an increase in 
reaction velocity brought about by infra-red radiation. The case of nitro¬ 
gen pentoxide has been repeatedly investigated, under various conditions, 
by Daniels, 10 Taylor, 11 Lewis and Mayer, 12 Rice, Urey and Washburne, 13 
and Kassel. 14 The case of pinene has been studied by Mayer 15 and by 
Ure and Tolman. 16 Other examples in which infra-red radiation has been 
found ineffective are the decompositions of carbon dioxide and hydro¬ 
chloric acid and the oxidation of ethyl alcohol, 17 and the decompositions 
of ozone and of nitrous oxide. 18 

It is not worth while to discuss now the various elaborated radiation 
hypotheses which have been proposed. They possess the advantage of 
not predicting anything definite about the action of radiation on a system, 
so that it is more difficult to devise experimental tests, but they have no 
reason for existence. It is scarcely possible to devise a form of hypothesis 
such that the active spectral regions will not be in the infra-red, and this 
region has been pretty well explored experimentally, without finding any 
activity. It must be remembered that collisions and radiation will both 
tend to produce the same final equilibrium state; experiments designed to 
disprove the radiation hypothesis need only show .that under the experi¬ 
mental conditions used in measuring reaction rates, the radiation is of 
negligible effect. One very significant experiment of this type was made 


6 Christiansen and Kramers, Z. physik. Chem., 104:451 (1923). 

7 G. N. Lewis and D. F. Smith, /. Am. Chem. Soc 47: 1508 (1925) 
s Tolman, /. Am. Chem. Soc., 47: 1524 (1925). 

Daniels and Johnston, I. Am. Chem. Soc., 43: 73 (1921). 

10 Daniels, 7. Am. Chem. Soc v 48:607 (1926). 

11 H. A. Taylor, J. Am. Chem. Soc., 48:577 (1926). 

12 G. N. Lewis and Mayer, Proc. Natl. Acad. Sci, 13: 623 (1927). 

13 F. O. Rice, Urey and Washburne, /. Am. Chem. Soc 50:2402 (1928) 

14 Kassel, I. Am. Chem. Soc., 51:54 (1929). 

16 Mayer, I. Am. Chem. Soc., 49: 3033 (1927). 

16 Ure and Tolman, J. Am. Chem. Soc., 51:974 (1929). 

17 Daniels, /. Am. Chem. Soc., 48: 607 (1926). 

18 Hibben, J. Am. Chem. Soc., 50:937 (1928), 



THE RADIATION HYPOTHESIS 


315 


by Daniels; 19 a stream of heated air was mixed with a stream of nitro¬ 
gen pentoxide in an open room whose walls were at a lower temperature, 
corresponding to a slow reaction rate. The nitrogen pentoxide decom¬ 
posed rapidly, indicating that the decomposition was brought about by 
molecular collisions with the warm air, since it could not be produced by 
radiation from the cold walls. 

In a sense, however, all of these experiments are unimportant com¬ 
pared to those of Hinshelwood and Ramsperger on the rates of first order 
reactions at low pressures. The experimental fact that these rates fall off 
below a critical pressure is entirely inexplicable on the basis of the radia¬ 
tion hypothesis; it is a definite prediction of a theory of collisional acti¬ 
vation. 

For longer reviews of the radiation hypothesis, and more complete 
bibliography of its palmier days, reference may be made to Harned 20 
and Daniels. 21 

19 Daniels, quoted in Chetn, Rev, f 5:62 (1928). 

29 Harned, /. Franklin Inst., 196:181 (1923). 

21 Daniels, Chem. Rev., 5:39 (1928). 
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Heats of Dissociation 


In spite of considerable progress within the last two years, the prob¬ 
lem of determining correct heats of reactions is a serious one; the values 
given here are, in the author's judgment, the best available, though in 
many cases they are far from satisfactory. The values for the elements 
are mostly based on spectroscopic data, those for compounds on chemical 
heats of reaction, either directly measured, or calculated from equilibrium 
data; though the tables are supposed to apply to the gaseous substances at 
the absolute zero, it has not been considered necessary, with the accuracy 
at present available, to correct reaction heats determined at room tem¬ 
perature. In most cases, the authority for the value adopted is given; 
in the case of compounds, the value tabulated depends upon the heats of 
dissociation of one or more elements, in addition to the thermal values 
given by the authority cited. 


Formula 

Heat 

Br a 

45240 cal. 

Cl a 

56900 

H a 

102800 

Hg a 

3500 

I, 

35400 

Ka 

18600 

Na 

210000 

Na a 

19000 

Oa 

117000 

S a 

102500 


Heats of Diss 

Formula 

Heat 

CO 

238000 cal. 

CIO 

50000 

HBr 

86500 

HC1 

101800 

HI 

70700 

IBr 

41500 

KBr 

90000 

KC1 

103800 


Heats of Dissociation of Elements. 

Authority- 

Brown, Phys. Rev., 38:1179 (1931). 

Elliot, Proc. Roy. Soc 127A:638 (1930). 
Richardon and Davidson, ibid.. 123A:466 
(1929). 

Winans, Phys. Rev., 37 : 897 (1931). 

Brown, ibid., 38: 709 (1931). 

Crane and Cristy, ibid., 36: 421 (1930), 
Accepted. 

Accepted. 

Accepted. 

Christy and Naude, Phys. Rev., 37 : 903 (1931). 


Authority 

“International Critical Tables.” 

Section 11.22; value uncertain. 

“International Critical Tables.” 

Ibid. 

Ibid. 

Badger and Yost, Phys. Rev., 37:1548 (1931). 
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Heats of Dissociation of Diatomic Molecules —( Continued ). 

Authority 

Bates, Z. physik. Chem. } Bodenstein-Band, 329 
(1931). 

“International Critical Tables.’ 5 


Bates, Z. physik. Chew Bodenstein-Band, 329 
(1931). 


Formula 

Heat 

KI 

74900 

NH 

102000 

NO 

142000 

NaBr 

88000 

NaCl 

93400 

Nal 

68900 

OH 

116000 


Heats of Dissociation of Polyatomic Molecules. 


Reaction Heat 

COa = CO + O 126100 cal. 


CH* = CHs 4- H 
CH* = atoms 
CHa = CH 2 + H 
GH, = 2CH 3 
CCU = atoms 
COCU — atoms 
CH 2 0 == H a + CO 
CH 2 0 = atoms 
C10 2 = atoms 
CUO = atoms 


125000 

376500 

25000 

136000 

278400 

255000 

1900 

342700 

122000 

90300 


H.0 = H + OH 
HaO' = atoms 
H 2 O 2 = atoms 
H a S = atoms 
NO. = NO + O 
NOC1 = NO + Cl 
NaO == Na + O 
N 2 O 3 = NOa + NO 


103000 

219000 

252900 

174700 

72600 

38100 

41500 

10300 


N 2 O 4 = 2NOa 
NaOs = N a Oa + 0 2 

Os = Oa + o 


14600 

19800 

24100 


Authority 

Rossini, Bureau Standards J. Research , 6: 37 
(1931). 

Mecke, Z. Elektrochem 36:589 (1930). 
“International Critical Tables. 5 ’ 

Mecke, Z. Elektrochem.j 36 : 589 (1930). 
Consistent with CH* *= CH 3 + H value. 
“International Critical Tables.” 

Ibid. 

Ibid. 

Ibid. 

Ibid. pi ... 

Gunther and Wekua, Z. physik. Chem., 154: 193 
(1931). 

“International Critical Tables’ 5 + OH value. 
“International Critical Tables.” 

Ibid. 

Ibid . 

“International Critical Tables.” 

Ibid. _ 

Verhoek and Daniels, 7 . Am. Chem. Soc., 53: 

1250 (1931). 

Ibid. + “International Critical Tables.” 
“International Critical Tables.” 
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Acetaldehyde, 

assumed as intermediate compound in 
ethylene oxide decomposition, 285 
in methyl ether decomposition, 211 
decomposition of, 72, 292, 293 
iodine-catalyzed decomposition of, 164 
Acetone, decomposition of, 232, 233 
Acetylene, polymerization of, 292 
Activated molecules, 

rate of production of, 98 
specific reaction rates of, 96, 103, 105 
Activation, 14, 94, 98 
energy of, 18-26, 71, 72, 98 
empirical fule for calculation of, for 
bimolecular reactions, 72-74 
Adiabatic collisions, 48 
Aldehydes, 

formation of, m hydrocarbon oxidation, 
286 

oxidation of, 286. See acetaldehyde, 
benzaldehyde, formaldehyde, pro¬ 
pionic aldehyde 

Aliphatic ethers, decompositions of, 204- 
224 

Aliphatic hydrocarbons, 
decompositions of, 233 
oxidation of, 286 . . 

Alkyl amines, decompositions ot, 234 
Alkylidene radicals, postulated as products 
of hydrocarbon decomposition, 
233 

Ammonia, induction period of hydrogen 
chlorine reaction caused by, 267 
Argon, inert gas, effect of, in 
ethylene oxide decomposition, 285 
nitrogen pentoxide decomposition, 184 
ozone decomposition, 265 
phosphine oxidation, 299 
water formation, 304 , 

Associations, bimolecular, 38-47, 131-153 
Auger effect, 109-111 
Azo compounds, decomposition of, 192-2U4 
Azoisopropane, decomposition of, 196, 19/ 
Azomethane, decomposition of, 192-197 


Benzaldehyde, oxidation of, 289 
Bimolecular processes, 
associations, 38-47, 131-135, 254, 279, 
292 

metatheses, 47-73 


Bimolecular processes ( continued ) 
reactions, 15, 24-26, 38-74, 129-131 
empirical rule for calculation of acti¬ 
vation energy for, 72-74 
Branching chains, 120-123, 294-311 
Bromine, 
atoms, 

reactions of, with 

hydrogen molecules, 147, 238, 246, 
247 

sodium molecules, 146, 280 

. .. - 43> 13lt i7$ t 248 
he\ ■ ■ : : ;i . of molecular, 316 

inert gas, effect of, in nitrogen pen¬ 
toxide decomposition, 185 
molecules, 

heat of dissociation of, 316 
reactions of, with 
hydrogen atoms, 135, 238, 246 
sodium atoms, 143 

oxide (Br 3 0s), formation and decom¬ 
position of, 263 

photosensitization by, in ozone decom¬ 
position, 262 
reactions of, with 
hydrogen, 237, 248 
nitric oxide, 174 
ozone, 262-264 
sodium, 280 
Butane, 

decomposition of, 233 
induced by ethylene oxide decompo¬ 
sition, 286 

oxidation of, 286, 288 


Cadmium atoms, reaction of, with chlo¬ 
rine, 133, 147 

Calculation of rate constants, 128 
Carbon, 

dioxide, _ „ 

decomposition of, as test of Radiation 
Hypothesis, 314 
heat of dissociation of, 317 
inert gas effect of, in 

ethylene oxide decomposition, zoo 
methyl ether decomposition, 207 
nitrous oxide decomposition, 229 
ozone decomposition, 265 
velocity of sound in, 64, 133 
disulfide, oxidation of, 311 
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Carbon ( continued ) 
monoxide, 

heat of dissociation of, 316 
inert gas, effect of, in 
ethylene oxide decomposition, 285 
methyl ether decomposition, 207 
methylpropyl ether decomposition, 
215 

nitrogen pentoxide decomposition, 
185 

oxidation of, 311 
strength of bond, 233 
tetrachloride, 

decomposition of nitrogen pentoxide 
in solution, 184 
heat of dissociation of, 317 
inert gas effect of, in hydrogen bro¬ 
mine reaction, 237 
reaction of, with 
oxygen atoms, 142 
sodium atoms, 144 
Catalysis 

heterogeneous, 125, 126, 152, 159, 220, 
231, 235 

homogeneous, 162-164 
of hydrogen chlorine reaction by 
water vapor, 267, 273 
of hydrogen oxygen reaction by nitro¬ 
gen dioxide, 306-307 
of organic decompositions by iodine, 
162-164 

of ozone decomposition by 
bromine, 262 
chlorine, 254 

nitrogen pentoxide, 249-254 
Chain reactions, 93, 118-123, 233, 249-276, 
284-292 294-311 

Chemiluminescence, 279, 280, 288, 294 
Chlorine, 
atoms, 

initiation of hydrogen chlorine reac¬ 
tion by, 270 
reactions of, with 
hydrogen molecules, 146, 270 
oxygen molecules, 271 
sodium atoms, 131, 277, 279 
sodium molecules, 131, 146, 277, 279 
recombination of, 177 
catalysis of ozone decomposition by, 
254-260 
dioxide, 

heat of dissociation of, 317 
induction period of hydrogen chlorine 
reaction caused by, 267 
reaction of, with ozone, 258 
heat of dissociation of molecular, 316 
hexoxide, properties of, 258, 260 
molecules, 

heat of dissociation of, 316 


Chlorine ( continued ) 
molecules ( continued ) 
reactions of, with 
cadmium atoms, 147 
hydrogen atoms, 136, 270 
sodium atoms, 143, 277, 278 
zinc atoms, 133 
monoxide, 

decomposition of, 72 
heat of dissociation of, 317 
oxide (CIO), 

as possible carrier for chains in hy¬ 
drogen chlorine reaction, 272 
heat of dissociation of, 260, 316 
reaction of, with ozone, 259 
photochemical reaction of, with hydro¬ 
gen, 267-276 

photosensitization of ozone decomposi¬ 
tion by, 260 
reactions of, with 
cadmium, 133, 147 
hydrogen, 270 
nitric oxide, 172-174 
sodium, 277 
zinc, 133, 147 

Chloroform, decomposition of nitrogen 
pentoxide in, 184 

Cis-trans isomerization of dimethyl male- 
ate, 234 

Clusters of molecules in a gas, 85, 168 
Collisions, 
adiabatic, 48 

Boltzmann cycle of corresponding, 33 
energy transfers at, 64, 112 
number of, 29-32, 82 
relative velocity at, 31, 32 
triple, 76, 78, 87 

Complex reactions, 15, 114-123, 237-311 
Critical energy, 98 
Critical pressures, 122, 123, 294-311 
Cyanogen, 

reaction of with atomic sodium, 144, 145 
chloride, reaction of, with atomic so¬ 
dium, 145 

Cyclopropane, formation of propylene 
from, 235 

Diatomic molecules, formation of, 
by bimolecular associations, 38 
with emission of light, 39 
with ene,rgy shared between rotation 
and vibration, 40 

with formation of excited molecules, 43 
Diethyl ether. See ethyl ether. 

Diffusion flames, 143, 283 
Diiropropyl ether, decomposition of, 220 
Dimethyl ether, decomposition of, 112, 
204-210 

Dimethyl maleate, isomerization of, 234 
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Dimethyl triazene, decomposition of, 202- 
204 

Dipropyl ether, decomposition of, 222 
Distribution Law, Maxwell-Boltzmann, 
27-29 

for harmonic oscillators, 34-3 7 
for molecular velocities, 28, 29 
for quantized systems, 32, 33 

Eigenfunctions, 49 
Elementary reactions, 14-26 
Endothermic reactions, 16 
of free atoms, 147 
Energy, t 

of activation, 18-26 
empirical rule for calculating, for bi- 
molecular reactions, 72-74 
critical, 98 

redistribution of, 94, 112 
transfers of, at collisions, 14, 64, 112 
Ethane, 

heat of dissociation of, 317 
inert gas effect of, in 
azomethane decomposition, 194 
ethylene oxide decomposition, 285 
Ethyl alcohol, oxidation of, as test of 
Radiation Hypothesis, 314 
Ethylamine, decomposition of, 234 
Ethylene, 
oxidation of, 290 
polymerization of, 292 
Ethylene oxide, 
decomposition of, 284-286 
formation of, in oxidation of ethylene, 
291 

Ethyl ether, 

decomposition of, 217-220 
iodine-catalyzed decomposition of, 164 
Excitation, 
electronic, 

and bimolecular associations, 43, 44 
and bimolecular metatheses, 138-140 
Excited atoms, Reactions of, 138-140, 146 
Exothermic reactions, 16 
of free atoms, 135-147 
Experimental methods, 124-128 
Explosions, 

branching chains and, 121 
thermal, 121 

First order reactions, 181-236 
Flames, 

diffusion, 143, 283, 284 
highly dilute, 132, 276-283 
Forces, intermolecular, 79 
for nitric oxide, 170-172 
Formaldehyde, 

as intermediate compound in decomposi¬ 
tion of methyl ether, 204-206 


Formaldehyde ( continued) 
heat of dissociation of, 317 
oxidation of, 289, 290 
reaction of oxygen atoms with, 142 
Free atoms and bimolecular metatheses, 
47-60 

Halogen atoms, reactions of, 146, 147 
Harmonic oscillators, distribution law for, 
34-37 

Helium, 

inert gas effect of, in 
ethylene oxide decomposition, 285 
ethyl ether decomposition, 218 
hydrogen bromine reaction, 246 
methyl ether decomposition, 207 
ozone decomposition, 265 
water formation, 304 
Heterogeneous reactions, 125, 126, 152, 
159, 220, 231, 235 
Homogeneous catalysis, of 
hydrogen chlorine reaction by water, 
267, 273 

hydrogen oxygen reaction by nitrogen 
dioxide, 306-308 

organic decompositions by iodine, 162- 
164 

ozone decomposition by 
bromine, 262 
chlorine, 254 

nitrogen pentoxide, 249-254 
Hydrocarbons, 

vs rf 233 

■v ‘ :■ ■ ' ', ■. See acteylene, butane, 

cyclopropane, ethane, ethylene, 
irobutane, methane, octane, pin- 
ene, propane 
Hydrogen, 
atoms, 

initiation of hydrogen chlorine reac¬ 
tion by, 269 

initiation of hydrogen oxygen explo¬ 
sion by, 308 
reactions of, with 
bromine molecules, 135, 238, 246 
chlorine molecules, 136, 270 
hydrogen bromide, 135, 238 
hydrogen chloride, 135, 282 
hydrogen molecules, 55, 59, 136, 
137 

parahydrogen, 55, 59, 136, 137 
recombination of, 131, 177-180 
sodium hydride, 282 
heat of dissociation of, 316 
inert gas effect of, in 

ethylene oxide decomposition, 286 
ethyl etVr.r 218 

methyl ■ I . “ <•;:/ : . ' ■■■, 207 

methyiethyl ether decomposition, 213 
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Hydrogen ( continued ) 
inert gas effect ( continued ) 
methylpropyl ether decomposition, 215 
nitrogen pentoxide decomposition, 185 
propylamine decomposition, 234 
propionic aldehyde decomposition, 232 
maintenance of nnimolecular reaction 
rates by, 112, 207, 213, 215, 218, 
232, 234 

molecular forces in, 55 
molecules, 
reactions of, with, 
bromine atoms, 147, 246, 247 
chlorine atoms, 146, 270 
hydroxyl radicals, 141, 143, 303 
oxygen atoms, 137-141, 303 
reaction of, with 
bromine, 237-248 

chlorine, 118-120, 133, 147, 267-276 
iodine, 155, 156 
nitric oxide, 175, 176 
oxygen, 302, 310 
sulfur, 159-162 
Hydrogen bromide, 
formation of, from elements, 237-248 
heat of dissociation of, 316 
reactions of, with 
hydrogen atoms, 135, 238 
potassium atoms, 145, 283 
sodium atoms, 147, 282 
Hydrogen chloride, 

decomposition of, as test of Radiation 
Hypothesis, 314 

formation of, from elements, 118-120, 
133, 267-276 

heat of dissociation of, 316 
reactions of, with 
hydrogen atoms, 135, 282 
potassium atoms, 145, 283 
sodium atoms, 147, 281 
Hydrogen iodide, 
decomposition of, 71, 148-155 
at high pressure, 152-155 
formation of, 70, 72, 155, 156 
heat of dissociation of, 316 
reactions of, with 
potassium atoms, 146, 283 
sodium atoms, 143, 283 
Hydrogen peroxide, 

formation of, in oxidation of ethylene, 
291 

heat of dissociation of, 317 
photochemical production of, from ele¬ 
ments, 138-141 
Hydrogen sulfide, 
formation of, 159-162 
heat of dissociation of, 317 
Hydroxyl radicals, 
heat of dissociation of, 317 


Hydroxyl radicals ( continued ) 
reactions of, with 
hydrogen molecules, 141-143, 303 
hydroxyl radicals, 141-143 
oxygen atoms, 141 

Induction period, 

in chlorine-catalyzed ozone - decomposi¬ 
tion, 255 

in ethylene oxide decomposition, 284 
in hydrogen chlorine reaction, 267 

Inert gases, 
and complex reactions, 
ethylene oxide decomposition, 285, 286 
hydrogen bromine reaction, 246 
hydrogen oxygen reaction, 304 
oxidation of phosphine, 299 
oxidation of propane, 287 
ozone decomposition, 265 
and unimolecular decompositions, 111- 
113 

azomethane, 194 
dimethyl ether, 207 
ethyl ether, 218 
methylethyl ether, 213 
methylpropyl ether, 215 
nitrogen pentoxide, 183, 184 
nitrous oxide, 229 
propionic aldehyde, 232 
propylamine, 234 

Intermediate compounds in third order re¬ 
actions, 75, 76, 78, 79, 92 

Intermolecular forces, 79 

Iodine, 

atoms, 

reaction of, with sodium molecules, 
146, 280 

heat of dissociation of, 316 
homogeneous catalysis by, 163, 164 
molecules, 

heat of dissociation of, 316 
reaction of, with 
hydrogen molecules, 155, 156 
sodium atoms, 143, 280 
reaction of, with hydrogen, 155, 156 
retardation of hydrogen bromide forma¬ 
tion by, 237, 239 

Iodine bromide, heat of dissociation of, 
316 

Iodine chloride, reported photosensitiza¬ 
tion of hydrogen chloride reac¬ 
tion by, 269, 270 

Ions, initiation of hydrogen chlorine reac¬ 
tion by, 270 

/.^butane, 

inert gas effect of, in ethylene oxide de¬ 
composition, 285 
oxidation of, 288 

Isomerization of dimethyl maleate, 234 
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/^pentane, decomposition of, induced by 
ethylene oxide decomposition, 286 
/^propyl ether, 
decomposition of, 163, 220-222 
iodine-catalyzed decomposition of, 163, 
220 

Ketene, as intermediate t compound in 
acetone decomposition, 232 

Light, emission of, at bimolecular associa¬ 
tions, 29, 40. See Chemilumines¬ 
cence. 

Liquids, reactions in, 12 
nitrogen pentoxide decomposition, 184, 
185 

pinene rearrangement, 225 


Magnetic field, effect of, on reaction rate, 
169 

Maleic acid, isomerization of methyl ester 
of, 234 

Maxwell-Boltzmann Distribution, 

departure from, due to progress of re¬ 
action, 21, 24, 67, 99 
Law, 27-29 

for harmonic oscillators, 34-37 
for molecular velocities, 28-29 
for quantized systems, 32, 33 
maintenance of, 19, 24, 66, 94 
Mechanism of reaction, connection be¬ 
tween order and, 17 

Mercuric chloride, reaction of, with so¬ 
dium atoms, 143, 280 
Mercurous chloride, reaction of, with so¬ 
dium atoms, 143, 280 
Metatheses, bimolecular, 47-73 


Methane, 

heat of dissociation of, 317 
inert gas effect of, ethylene oxide de¬ 
composition, 285 

reaction of, with oxygen atoms, 142 ^ 
Methyl bromide, decomposition of, in¬ 
duced by ethylene oxide decom¬ 
position, 286 

Methyl ether, decomposition of, 112, 204- 

210 . . . 011 
Methylethyl ether, decomposition of, 211- 

214 r .. 

Methyl halides, reactions of, with sodium 
atoms, 143, 144 

Methyl iropropyl diimide, decomposition 
of, 197-202 . . _. 

Methylpropyl ether, decomposition of, 214- 

217 

Methyl radical, heat of dissociation of, 317 
Microscopic reversibility, 33, 62, 182 
Molecular velocities, 28, 29 


Neon, inert gas effect of, in ethylene oxide 
decomposition, 285 
Nitric oxide, 
decomposition of, 162 
formation of, from elements, 162 
heat of dissociation of, 317 
reaction of, with, 
bromine, 174 
chlorine, 172 
hydrogen, 175, 176 
nitrogen pentoxide, 190 
oxygen, 165-172 

third order reactions of, 75, 165-176 
Nitrogen, 

heat of dissociation of, 316 
inert gas, effect of, in 
azomethane decomposition, 194 
ethyl ether decomposition^ 218 
ethylene oxide decomposition, 285 
hydrogen bromide formation, 237 
methyl ether decomposition, 207 
nitrogen pentoxide decomposition, 184 
nitrous oxide decomposition, 229 
ozone decomposition, 265 
phosphine oxidation, 299 
propane oxidation, 287 
water formation, 304 
molecules, 

heat of dissociation of, 316 
reactions of, with 

oxygen molecules, 162 
tungsten atoms, 134 
reaction of, with oxygen, 162 
Nitrogen dioxide, 

alleged catalysis of nitrogen pentoxide 
decomposition by, 183 
association of, to tetroxide, 132, 133 
decomposition of, 72, 156, 158, 166 
formation of, from nitric oxide and 
oxygen, 157, 165 
heat of dissociation of, 317 
predissociation of, 139, 140 
reaction of, with oxygen atoms, 140 
sensitization of hydrogen oxygen reac¬ 
tion by, 306 

Nitrogen pentoxide, .. , 0 , n 

catalysis of ozone decomposition by, 24V 
decomposition of, 15, 17, 182-192 
as test of Radiation. Hypothesis, 314 
heat of dissociation of, 317 
reaction of, with nitric oxide, 190 
Nitrogen tetroxide, 
dissociation of, 132, 133 
formation of, 132, 133 
heat of dissociation of, 317 
velocity of sound in, 132, 133 . 

Nitrogen trichloride, induction period m 
hydrogen chlorine reaction caused 
by, 267 
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Nitrogen trioxide, 
heat of dissociation of, 31/ 
reported as product of nitric oxide oxi¬ 
dation, 165 
Nitrosyl chloride, 
decomposition of, 158, 159 
formation of, 158, 172 
Nitrous oxide, 

decomposition of, 72, 162, 227-231 
as test of Radiation Hypothesis, 314 
photochemical dissociation of, 308 
Nitryl chloride, decomposition of, 225-227 
Number of collisions, 29-32, 82 


Octane, oxidation of, 288 

Order of reactions, 16, 126, 127 
connection between order and mecha¬ 
nism, 17 

Organic compounds, Reactions of, with 
oxygen atoms, 142 

Organic halides, reactions of, with sodium 
atoms, 143,144 

Oxygen, 

atoms, 

initiation of hydrogen oxygen explo¬ 
sion by, 141, 142, 308 
photochemical production of, 308 
, reactions of, with 

carbon tetrachloride, 142 
formaldehyde, 142 
hydrogen molecules, 137-141, 303 
hydrogen peroxide, 141 
hydroxyl radicals, 141 
methane, 142 
nitrogen dioxide, 140 
organic compounds, 142 
oxygen molecules, 138, 139 
water molecules, 141 
heat of dissociation of, 316 
inert gas effect of, in 
hydrogen b,romide formation, 237, 246 
nitrogen pentoxide decomposition, 184 
nitrous oxide decomposition, 229 
ozone decomposition, 265 
molecules, 

heat of dissociation of, 316 
reaction of, with 
oxygen atoms, 138, 139 
sodium atoms, 180 
reactions of, with 
aldehydes, 286 
benzaldehyde, 289 
butane, 286 
carbon disulfide, 311 
carbon monoxide, 311 
ethyl alcohol, 314 
ethylene, 290 
formaldehyde, 289, 290 
hydrocarbons, 286 


Oxygen ( continued ) 
reactions of, with ( continued ) 
hydrogen, 302, 310 
nitric oxide, 165 
nitrogen, 162 
octane, 288 
phosphine, 297-302 
phosphorus vapor, 294-297 
propane, 286 
sodium, 180 
sulfur, 310 

^retardation of hydrogen chlorine reac¬ 
tion by, 271-276 

Ozone, 

decomposition of, 
catalytic, by 
chlorine, 254 

nitrogen pentoxide, 249-254 
photochemical, 266 
photosensitized, by 
bromine, 262 
chlorine, 260 
thermal, 72, 264-266 
heat of dissociation of, 317 
initiation of chains in ethylene oxygen 
mixtures by, 291 

photochemical formation of, 138, 139 
reactions of, with 
bromine, 262 
chlorine, 254 
chlorine dioxide, 258 
chlorine oxide (CIO), 259 
nitrogen pentoxide, 249-254 

Packing, retardation of reaction by 
benzaldehyde oxidation, 290 
ethylene oxidation, 291 
formaldehyde oxidation, 290 
hydrocarbon oxidation, 286 
hydrogen oxygen reaction, 303 
Pairs of molecules, 85 
Paraffins, decomposition of, 233, 234 
Parahydrogen, decay of, 136 
Perfect gas, triple collisions in a, 76-78 
Persistence of velocity, 66 
Perturbation theory, 50, 51 
Phosgene reactions, 177 
Phosphine, 

heterogeneous decomposition of, 235 
oxidation of, 297-302 

Phosphorus vapor, reaction of, with oxy¬ 
gen, 294-297 

Photochemical reactions, 
hydrogen bromide formation, 239 
hydrogen chloride formation, 118, 267- 
276 

hydrogen peroxide formation, 138-141 
ozone decomposition, 266 
ozone formation, 137-141 
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Photosensitized Reactions, 
hydrogen chlorine reaction by iodine 
chloride, alleged, 269, 270 
ozone decomposition by chlorine, 260 
water formation by 
ammonia, 308 
nitrous oxide, 308 

Pinene,, rearrangement of, to limonene 
225 

as test of Radiation Hypothesis, 314 
Polyatomic molecules, formation of, by 
bimolecular associations, 44-47 
Potassium, 
atomic, 

reactions of, with 
hydrogen bromide, 145 
hydrogen chloride, 145 
hydrogen iodide, 146 
heat of dissociation of molecular, 316 
Potassium bromide, heat of dissociation 
of, 316 

Potassium chloride, heat of dissociation of, 

316 

Potassium iodide, heat of dissociation of, 

317 

Potential energy curves, 
for rotating molecules, 41 
for three hydrogen atoms, 56, 57 
schematic, for unimolecular reaction, 
according to B our gin, 108 
Predissociation, 109, 110 
of nitrogen dioxide, 139 
Propane, 

decomposition of, 237. 
inert gas effect of, in ethylene oxide 
decomposition, 285 
oxidation of, 286, 287 
Propionic aldehyde, decomposition of, 231, 
232, 293 

Propylamine, decomposition of, 234 


Quantum, 
efficiency, 118, 138 
mechanics of, 

bimolecular Reactions, 49-60 
energy transfers at collisions, 112 
unimolecular reactions, 108-111 
radiationless jumps, 42, 60, 108, 109 
weights, 102 


Racemization of pinene, alleged, 225 
Radiation Hypothesis, 14, 93, 313 
Radiationless quantum jumps, 42, 60, 108, 
109 

Radioactivity, unimolecular reactions con¬ 
sidered analogous to, 108 
Rate constants, calculation of, 128 


Real gas, 

intermolecular forces in a, 79-82 
number of collisions in a, 82-85 
number of pairs in a, 85-87 
number of triple collisions in a, 78, 79, 
87-90 

Rearrangement of pinene, 225 
Recombination of atoms at triple colli¬ 
sions, 92 

bromine atoms, 176, 248 
chlorine atoms, 177 
hydrogen atoms, 177 
Redistribution of energy at collisions, 92 
quantum mechanics of, 112 
Reversibility, Principle of Microscopic, 33, 
62, 182 

Rotating molecule, pseudo-potential energy 
curves for a, 41 


Second order reactions, 129-164 
Silicon chloride, chains in hydrogen chlo¬ 
rine reaction broken by a, 269, 
274- 

Sodium, 

atoms, 

reactions of, with 
bromine molecules, 143 
chlorine atoms, 131, 277, 279 
chlorine molecules, 143, 277, 278 
cyanogen, 144, 145 
cyanogen chloride, 145 
hydrogen bromide, 147, 282 
hydrogen chloride, 147, 281 
hydrogen iodide, 143, 283 
iodine molecules, 143, 280 
mercuric chloride, 143, 280 
mercurous chloride, 143, 280 
methyl halides, 143, 144 
organic compounds, 144 
oxygen molecules, 180 
sodium dioxide, 180 
molecules, 

heat of dissociation of, 316 
reactions of, with 
bromine atoms, 146, 280 
chlorine atoms, 146, 277, 279 
iodine atoms, 146, 280 

Sodium bromide, heat of dissociation of, 

317 . . 

Sodium chloride, heat of dissociation of, 
317 

Sodium dioxide, 
formation of, 180 

reaction of, with sodium atoms, 180 

Sodium hydride, reaction of, with hydro¬ 
gen atoms, 282 

Sodium iodide, heat of dissociation of, 
317 
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Solutions, reactions in, 12 
nitrogen^pentoxide decomposition, 184, 


pinene rearrangement, 225 
Sound, velocity of, 64, 132 
Specific reaction rates, 96 
calculation of, 128 
Statistical Mechanics, 27-37 
Sugar, inversion of cane, by acids, 18 
Sulfur, 

heat of dissociation of diatomic, 316 
reaction of, with 
hydrogen, 159-162 
oxygen, 310 

Sulfuryl chloride, decomposition of, 235 


Temperature coefficient, 17-26, 127 
negative, 75, 145, 165, 180, 287 
Thermodynamics, 11 
Third order reactions, 75, 165-180 
Trimolecular reactions, 15, 26, 43, 75-92 
Triple collisions, 
in a perfect gas, 76 
in a real gas, 78, 87 
recombination of atoms at, 92, 176, 180, 
248 ’ 

Tungsten, reaction of atoms with nitrogen 
molecules, 134 


Vberschreitungserscheinung, 302 
Uncertainty principle, 42, 46 
Unimolecular reactions, 15, 19-24, 45, 93- 


Univalent atoms, quantum theory of in¬ 
teractions of, 49-60, 70 
Unsaturated hydrocarbons, formation of, 
by oxidation of paraffins, 286 

Valence forces, derivation of, from quan- 
^ turn mechanics, 53 
Velocities, 
molecular, 28-29 
relative, at collision, 31-32 
Velocity, 

calculation of, constants for reactions, 
128 

persistence of, 66 
of sound, 64, 132, 133 
Virial coefficient for nitric oxide, 171 
Volume of molecules, correction for, 29. 
152-154 

Walls, chains starting from, 123 
Water, 

heat of dissociation of, 317 
inert gas effect of, in 
hydrogen bromide formation, 237 
water formation, 304 
reaction of molecules with oxygen 
atoms, 141 

trace catalysis by, 155, 267, 273 
Weights, quantum, 102 

Zero point energy, 58 
Zinc atoms, reaction of, with chlorine, 133, 
147 
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